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Preface 


Welcome to Chemistry, an OpenStax resource. This textbook was written to 
increase student access to high-quality learning materials, maintaining 
highest standards of academic rigor at little to no cost. 


About OpenStax 


OpenStax is a nonprofit based at Rice University, and it’s our mission to 
improve student access to education. Our first openly licensed college 
textbook was published in 2012, and our library has since scaled to over 25 
books for college and AP® courses used by hundreds of thousands of 
students. OpenStax Tutor, our low-cost personalized learning tool, is being 
used in college courses throughout the country. Through our partnerships 
with philanthropic foundations and our alliance with other educational 
resource organizations, OpenStax is breaking down the most common 
barriers to learning and empowering students and instructors to succeed. 


About OpenStax's resources 


Customization 


Chemistry is licensed under a Creative Commons Attribution 4.0 
International (CC BY) license, which means that you can distribute, remix, 
and build upon the content, as long as you provide attribution to OpenStax 
and its content contributors. 


Because our books are openly licensed, you are free to use the entire book 
or pick and choose the sections that are most relevant to the needs of your 
course. Feel free to remix the content by assigning your students certain 
chapters and sections in your syllabus, in the order that you prefer. You can 
even provide a direct link in your syllabus to the sections in the web view of 
your book. 


Instructors also have the option of creating a customized version of their 
OpenStax book. The custom version can be made available to students in 


low-cost print or digital form through their campus bookstore. Visit your 
book page on OpenStax.org for more information. 


Errata 


All OpenStax textbooks undergo a rigorous review process. However, like 
any professional-grade textbook, errors sometimes occur. Since our books 
are web based, we can make updates periodically when deemed 
pedagogically necessary. If you have a correction to suggest, submit it 
through the link on your book page on OpenStax.org. Subject matter 
experts review all errata suggestions. OpenStax is committed to remaining 
transparent about all updates, so you will also find a list of past errata 
changes on your book page on OpenStax.org. 


Format 


You can access this textbook for free in web view or PDF through 
OpenStax.org, and in low-cost print and iBooks editions. 


About Chemistry 


Chemistry is designed to meet the scope and sequence requirements of the 
two-semester general chemistry course. The textbook provides an important 
opportunity for students to learn the core concepts of chemistry and 
understand how those concepts apply to their lives and the world around 
them. The book also includes a number of innovative features, including 
interactive exercises and real-world applications, designed to enhance 
student learning. 


Coverage and scope 


Our Chemistry textbook adheres to the scope and sequence of most general 
chemistry courses nationwide. We strive to make chemistry, as a discipline, 
interesting and accessible to students. With this objective in mind, the 
content of this textbook has been developed and arranged to provide a 
logical progression from fundamental to more advanced concepts of 
chemical science. Topics are introduced within the context of familiar 
experiences whenever possible, treated with an appropriate rigor to satisfy 
the intellect of the learner, and reinforced in subsequent discussions of 
related content. The organization and pedagogical features were developed 
and vetted with feedback from chemistry educators dedicated to the project. 
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Essential Ideas 

Atoms, Molecules, and Ions 

Composition of Substances and Solutions 
Stoichiometry of Chemical Reactions 
Thermochemistry 

Electronic Structures and Periodic Properties of Elements 
Chemical Bonding and Molecular Geometry 
Advanced Theories of Covalent Bonding 

Gases 

Liquids and Solids 

Solutions and Colloids 

Kinetics 

Fundamental Equilibrium Concepts 
Acid-Base Equilibria 

Equilibria of Other Reaction Classes 
Thermodynamics 

Electrochemistry 

Representative Metals, Metalloids, and Nonmetals 
Transition Metals and Coordination Chemistry 
Organic Chemistry 

Nuclear Chemistry 


Pedagogical foundation and features 


Throughout Chemistry, you will find features that draw the students into 
scientific inquiry by taking selected topics a step further. Students and 
educators alike will appreciate discussions in these feature boxes. 


Chemistry in Everyday Life ties chemistry concepts to everyday 
issues and real-world applications of science that students encounter in 
their lives. Topics include cell phones, solar thermal energy power 
plants, plastics recycling, and measuring blood pressure. 

How Sciences Interconnect feature boxes discuss chemistry in 
context of its interconnectedness with other scientific disciplines. 
Topics include neurotransmitters, greenhouse gases and climate 
change, and proteins and enzymes. 

Portrait of a Chemist presents a short bio and an introduction to the 
work of prominent figures from history and present day so that 
students can see the “face” of contributors in this field as well as 
science in action. 


Comprehensive art program 


Our art program is designed to enhance students’ understanding of concepts 
through clear, effective illustrations, diagrams, and photographs. 
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Interactives that engage 


Chemistry incorporates links to relevant interactive exercises and 
animations that help bring topics to life through our Link to Learning 
feature. Examples include: 


PhET simulations 
IUPAC data and interactives 
TED Talks 


Assessments that reinforce key concepts 


In-chapter Examples walk students through problems by posing a question, 
stepping out a solution, and then asking students to practice the skill with a 
“Check Your Learning” component. The book also includes assessments at 
the end of each chapter so students can apply what they’ve learned through 
practice problems. 


Additional resources 


Student and instructor resources 


We’ve compiled additional resources for both students and instructors, 
including Getting Started Guides, an instructor solutions manual, and 
PowerPoint slides. Instructor resources require a verified instructor account, 
which you can apply for when you log in or create your account on 
OpenStax.org. Take advantage of these resources to supplement your 
OpenStax book. 


Community Hubs 


OpenStax partners with the Institute for the Study of Knowledge 
Management in Education (ISKME) to offer Community Hubs on OER 
Commons — a platform for instructors to share community-created 
resources that support OpenStax books, free of charge. Through our 
Community Hubs, instructors can upload their own materials or download 


resources to use in their own courses, including additional ancillaries, 
teaching material, multimedia, and relevant course content. We encourage 
instructors to join the hubs for the subjects most relevant to your teaching 
and research as an opportunity both to enrich your courses and to engage 
with other faculty. 


To reach the Community Hubs, visit www.oercommons.org/hubs/OpenStax. 


Partner resources 


OpenStax Partners are our allies in the mission to make high-quality 
learning materials affordable and accessible to students and instructors 
everywhere. Their tools integrate seamlessly with our OpenStax titles at a 
low cost. To access the partner resources for your text, visit your book page 
on OpenStax.org. 
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Reaction Stoichiometry 
By the end of this section, you will be able to: 


e Explain the concept of stoichiometry as it pertains to chemical reactions 

e Use balanced chemical equations to derive stoichiometric factors relating amounts of reactants 
and products 

e Perform stoichiometric calculations involving mass, moles, and solution molarity 


A balanced chemical equation provides a great deal of information in a very succinct format. Chemical 
formulas provide the identities of the reactants and products involved in the chemical change, allowing 
classification of the reaction. Coefficients provide the relative numbers of these chemical species, 
allowing a quantitative assessment of the relationships between the amounts of substances consumed 
and produced by the reaction. These quantitative relationships are known as the reaction’s 
stoichiometry, a term derived from the Greek words stoicheion (meaning “element”) and metron 
(meaning “measure’”). In this module, the use of balanced chemical equations for various 
stoichiometric applications is explored. 


The general approach to using stoichiometric relationships is similar in concept to the way people go 
about many common activities. Food preparation, for example, offers an appropriate comparison. A 
recipe for making eight pancakes calls for 1 cup pancake mix, + cup milk, and one egg. The 


“equation” representing the preparation of pancakes per this recipe is 
Equation: 


3 
1 cup mix + Z cup milk + legg —> 8 pancakes 


If two dozen pancakes are needed for a big family breakfast, the ingredient amounts must be increased 
proportionally according to the amounts given in the recipe. For example, the number of eggs required 
to make 24 pancakes is 

Equation: 


legg 


24 SS 
-paneakes- x 3 3 eggs 


Balanced chemical equations are used in much the same fashion to determine the amount of one 
reactant required to react with a given amount of another reactant, or to yield a given amount of 
product, and so forth. The coefficients in the balanced equation are used to derive stoichiometric 
factors that permit computation of the desired quantity. To illustrate this idea, consider the production 
of ammonia by reaction of hydrogen and nitrogen: 

Equation: 


No(g) + 3H2(g) —> 2NH3(g) 


This equation shows ammonia molecules are produced from hydrogen molecules in a 2:3 ratio, and 
stoichiometric factors may be derived using any amount (number) unit: 
Equation: 


2 NH3 molecules 2 doz NH3 molecules 2 mol NH3 molecules 


re) re) 
3 H» molecules 3 doz H» molecules . 3 mol Hz molecules 


These stoichiometric factors can be used to compute the number of ammonia molecules produced from 
a given number of hydrogen molecules, or the number of hydrogen molecules required to produce a 
given number of ammonia molecules. Similar factors may be derived for any pair of substances in any 
chemical equation. 


Example: 

Moles of Reactant Required in a Reaction 

How many moles of I are required to react with 0.429 mol of Al according to the following equation 
(see [link])? 

Equation: 


Aluminum and iodine react to produce aluminum iodide. The heat of the reaction vaporizes some 
of the solid iodine as a purple vapor. (credit: modification of work by Mark Ott) 


Solution 
Referring to the balanced chemical equation, the stoichiometric factor relating the two substances of 
interest is ; _ s . The molar amount of iodine is derived by multiplying the provided molar amount 


of aluminum by this factor: 


Moles of Al 


Stoichiometric 
factor 
Equation: 
moll, = 0.429 motAt x {Bole 
= 0.644 mol I, 
Check Your Learning 


How many moles of Ca(OH), are required to react with 1.36 mol of H3PO, to produce Ca3(PO,4)> 
according to the equation 3Ca(OH), + 2H3PO4, —> Cas(POx),. + 6H20? 


Note: 
Answer: 
2.04 mol 


Example: 

Number of Product Molecules Generated by a Reaction 

How many carbon dioxide molecules are produced when 0.75 mol of propane is combusted according 
to this equation? 

Equation: 


C3Hs ar 502 ae 3CO,2 + 4H.O 


Solution 

The approach here is the same as for [link], though the absolute number of molecules is requested, not 
the number of moles of molecules. This will simply require use of the moles-to-numbers conversion 
factor, Avogadro’s number. 

The balanced equation shows that carbon dioxide is produced from propane in a 3:1 ratio: 

Equation: 


3 mol CO, 
1 mol C3Hg 


Using this stoichiometric factor, the provided molar amount of propane, and Avogadro’s number, 


Moles of C3Hg Moles of CO> els of 
Avogadro’s 2 


Stoichiometric 


factor number 
Equation: 
nel CO, 022 x 107° lecul 
0.75 maelCsHy x s gee UO On me ler ts CO aeleecl 
Check Your Learning 


How many NH3 molecules are produced by the reaction of 4.0 mol of Ca(OH), according to the 
following equation: 
Equation: 


(NH,).SO4 sF Ca(OH), <1, 2NH3 =F CaSO, =F 2H,O 


Note: 
Answer: 


4.8 x 10°4 NH3 molecules 


These examples illustrate the ease with which the amounts of substances involved in a chemical 
reaction of known stoichiometry may be related. Directly measuring numbers of atoms and molecules 
is, however, not an easy task, and the practical application of stoichiometry requires that we use the 
more readily measured property of mass. 


Example: 

Relating Masses of Reactants and Products 

What mass of sodium hydroxide, NaOH, would be required to produce 16 g of the antacid milk of 
magnesia [magnesium hydroxide, Mg(OH),] by the following reaction? 

Equation: 


MgCl,(aq) + 2NaOH(aqg) —> Mg(OH),(s) + 2NaCl(aq) 


Solution 

The approach used previously in [link] and [link] is likewise used here; that is, we must derive an 
appropriate stoichiometric factor from the balanced chemical equation and use it to relate the amounts 
of the two substances of interest. In this case, however, masses (not molar amounts) are provided and 
requested, so additional steps of the sort learned in the previous chapter are required. The calculations 
required are outlined in this flowchart: 


Mass of Moles of 
Mg(Oh)2 


a Molar mass 


Stoichiometric 
factor 


Mass of NaOH Moles of NaOH 
Molar mass 


Equation: 


lmolMg(OH},  2amctNaOH == 40.0 g NaOH 
16 -¢Mg(OH), 
* 58.3-¢Mg(OH), ~ lamelMg(OH), ~ -molNaOH 


Check Your Learning 


= 22 g NaOH 


What mass of gallium oxide, GajO3, can be prepared from 29.0 g of gallium metal? The equation for 
the reaction is 4Ga + 302 —> 2Ga2O3. 


Note: 
Answer: 
39.0 g 


Example: 

Relating Masses of Reactants 

What mass of oxygen gas, Os, from the air is consumed in the combustion of 702 g of octane, CgHj., 
one of the principal components of gasoline? 

Equation: 


2CgHi1g + 2502 —> 16CO2+ 18H2O 


Solution 
The approach required here is the same as for the [link], differing only in that the provided and 
requested masses are both for reactant species. 


Moles of 
CoaH 
Molar mass os 


Stoichiometric 
factor 


Mass of O» Moles of O» 
Molar mass 


Equation: 
1 2 2 
702 -«£ > mol GgHrs . 5 motor : 32.00 g Oz = 2.46 x 10°g0, 
114.23 ¢CgHis- 2 mol GsHys 610+ 
Check Your Learning 


What mass of CO is required to react with 25.13 g of Fe»O3 according to the equation 
Fe.03+ 3CO —> 2Fe+ 3CO,? 


Note: 
Answer: 
1D 2D (3 


These examples illustrate just a few instances of reaction stoichiometry calculations. Numerous 
variations on the beginning and ending computational steps are possible depending upon what 
particular quantities are provided and sought (volumes, solution concentrations, and so forth). 
Regardless of the details, all these calculations share a common essential component: the use of 
stoichiometric factors derived from balanced chemical equations. [link] provides a general outline of 
the various computational steps associated with many reaction stoichiometry calculations. 


Volume Volume 
of pure of pure 


substance substance 
A B 


Volume 
of 
solution 
A 


Volume 
of 
solution 
B 


Molarity Molarity 
Stoichiometric 
factor 


Number Number 
of of 

particles particles 
ofA of B 


The flowchart depicts the various computational steps involved in most reaction stoichiometry 
calculations. 


Note: 

Airbags 

Airbags ((link]) are a safety feature provided in most automobiles since the 1990s. The effective 
operation of an airbag requires that it be rapidly inflated with an appropriate amount (volume) of gas 
when the vehicle is involved in a collision. This requirement is satisfied in many automotive airbag 
systems through use of explosive chemical reactions, one common choice being the decomposition of 


sodium azide, NaN3. When sensors in the vehicle detect a collision, an electrical current is passed 
through a carefully measured amount of NaN3 to initiate its decomposition: 
Equation: 


2NaN3(s) —+ 3No(g) + 2Na(s) 


This reaction is very rapid, generating gaseous nitrogen that can deploy and fully inflate a typical 
airbag in a fraction of a second (~0.03—0.1 s). Among many engineering considerations, the amount of 
sodium azide used must be appropriate for generating enough nitrogen gas to fully inflate the air bag 
and ensure its proper function. For example, a small mass (~100 g) of NaN3 will generate 
approximately 50 L of Np. 


Airbags deploy upon impact to minimize serious injuries to passengers. 
(credit: Jon Seidman) 


Key Concepts and Summary 
A balanced chemical equation may be used to describe a reaction’s stoichiometry (the relationships 
between amounts of reactants and products). Coefficients from the equation are used to derive 


stoichiometric factors that subsequently may be used for computations relating reactant and product 
masses, molar amounts, and other quantitative properties. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Write the balanced equation, then outline the steps necessary to determine the information 
requested in each of the following: 


(a) The number of moles and the mass of chlorine, Cly, required to react with 10.0 g of sodium 
metal, Na, to produce sodium chloride, NaCl. 


(b) The number of moles and the mass of oxygen formed by the decomposition of 1.252 g of 
mercury(I) oxide. 


(c) The number of moles and the mass of sodium nitrate, NaNO3, required to produce 128 g of 
oxygen. (NaNO; is the other product.) 


(d) The number of moles and the mass of carbon dioxide formed by the combustion of 20.0 kg of 
carbon in an excess of oxygen. 


(e) The number of moles and the mass of copper(II) carbonate needed to produce 1.500 kg of 
copper(II) oxide. (CO is the other product.) 


(f) 
H oH - H 


\ ‘A 
The number of moles and the mass of Br—C—C-—Br _ formed by the reaction of 12.85 g of Pama 
H H H H 


with an excess of Brp. 
Exercise: 


Problem: Determine the number of moles and the mass requested for each reaction in [link]. 
Solution: 


(a) 0.435 mol Na, 0.217 mol Cly, 15.4 g Cl); (b) 0.005780 mol HgO, 2.890 x 107° mol Os, 9.248 
x 10°? g Os»; (c) 8.00 mol NaNOs, 6.8 x 107 g NaNO3; (d) 1665 mol COs, 73.3 kg CO,; (e) 18.86 
mol CuO, 2.330 kg CuCO3; (f) 0.4580 mol C,H4Bro, 86.05 g CoHyzBro 


Exercise: 
Problem: 


Write the balanced equation, then outline the steps necessary to determine the information 
requested in each of the following: 


(a) The number of moles and the mass of Mg required to react with 5.00 g of HCl and produce 
MgCl, and Hp. 


(b) The number of moles and the mass of oxygen formed by the decomposition of 1.252 g of 
silver(I) oxide. 


(c) The number of moles and the mass of magnesium carbonate, MgCOs, required to produce 283 
g of carbon dioxide. (MgO is the other product.) 


(d) The number of moles and the mass of water formed by the combustion of 20.0 kg of acetylene, 
C>Hp, in an excess of oxygen. 


(e) The number of moles and the mass of barium peroxide, BaO2, needed to produce 2.500 kg of 
barium oxide, BaO (Oz is the other product.) 


(f) 
- H oH 
The number of moles and the mass of C=C required to react with HO to produce 9.55 g of H—C—C—O-H. 


H H H H 
Exercise: 


Problem: Determine the number of moles and the mass requested for each reaction in [link]. 
Solution: 


(a) 0.0686 mol Mg, 1.67 g Mg; (b) 2.701 x 1073 mol O», 0.08644 g Os; (c) 6.43 mol MgCOs, 542 
g MgCO3 (d) 713 mol HO, 12.8 kg HO; (e) 16.31 mol BaOp, 2762 g BaO3; (f) 0.207 mol CjH,, 
5.81 g C5Hy 


Exercise: 


Problem: 


Hp is produced by the reaction of 118.5 mL of a 0.8775-M solution of H3PO, according to the 
following equation: 2Cr + 2H3PO, —> 3H2 + 2CrPOQOx,. 


(a) Outline the steps necessary to determine the number of moles and mass of Hp. 


(b) Perform the calculations outlined. 
Exercise: 


Problem: 


Gallium chloride is formed by the reaction of 2.6 L of a 1.44 M solution of HCl according to the 
following equation: 2Ga + 6HCl —+ 2GaCls; + 3H. 


(a) Outline the steps necessary to determine the number of moles and mass of gallium chloride. 
(b) Perform the calculations outlined. 
Solution: 


(a) volume HCI solution —+ mol HCl —> mol GaCl3; (b) 1.25 mol GaCls, 2.2 x 10° g 
GaCls 


Exercise: 


Problem: 


I, is produced by the reaction of 0.4235 mol of CuCl, according to the following equation: 
2CuCl, + 4KI — 2Cul+ 4KCl1+ kL. 


(a) How many molecules of I are produced? 


(b) What mass of I, is produced? 
Exercise: 


Problem: 


Silver is often extracted from ores such as K[Ag(CN),] and then recovered by the reaction 
2K [Ag(CN),]|(agq) + Zn(s) —> 2Ag(s) + Zn(CN),(aq) + 2KCN(aq) 


(a) How many molecules of Zn(CN)> are produced by the reaction of 35.27 g of K[Ag(CN),»]? 


(b) What mass of Zn(CN)p is produced? 
Solution: 


(a) 5.337 x 10°? molecules; (b) 10.41 g Zn(CN)> 
Exercise: 
Problem: 
What mass of silver oxide, Ag O, is required to produce 25.0 g of silver sulfadiazine, 


AgCj gH gN,4SO;, from the reaction of silver oxide and sulfadiazine? 
2Ci0HipN4SO2 + Ag,O — 2AgC, jHgN4SO2 + H,O 


Exercise: 
Problem: 
Carborundum is silicon carbide, SiC, a very hard material used as an abrasive on sandpaper and in 
other applications. It is prepared by the reaction of pure sand, SiO, with carbon at high 


temperature. Carbon monoxide, CO, is the other product of this reaction. Write the balanced 
equation for the reaction, and calculate how much SiO) is required to produce 3.00 kg of SiC. 


Solution: 


SiO. +3C —> SiC + 2CO, 4.50 kg SiO, 


Exercise: 


Problem: 


Automotive air bags inflate when a sample of sodium azide, NaN3, is very rapidly decomposed. 
2NaN3(s) —> 2Na(s) + 3No(g) 

What mass of sodium azide is required to produce 2.6 ft? (73.6 L) of nitrogen gas with a density of 
L25°e/L? 


Exercise: 


Problem: 


Urea, CO(NH)>)2, is manufactured on a large scale for use in producing urea-formaldehyde plastics 
and as a fertilizer. What is the maximum mass of urea that can be manufactured from the CO» 
produced by combustion of 1.00 x 10° kg of carbon followed by the reaction? 

CO2(g) + 2NH3(g) — CO (NH2),(s) + H,0(1) 


Solution: 


5.00 x 10° kg 
Exercise: 
Problem: 
In an accident, a solution containing 2.5 kg of nitric acid was spilled. Two kilograms of Na,CO3 


was quickly spread on the area and CO), was released by the reaction. Was sufficient Na»CO3 used 
to neutralize all of the acid? 


Exercise: 
Problem: 
A compact car gets 37.5 miles per gallon on the highway. If gasoline contains 84.2% carbon by 


mass and has a density of 0.8205 g/mL, determine the mass of carbon dioxide produced during a 
500-mile trip (3.785 liters per gallon). 


Solution: 
1.28 x 10°g CO, 


Exercise: 
Problem: 
What volume of 0.750 M hydrochloric acid solution can be prepared from the HCI produced by 


the reaction of 25.0 g of NaCl with excess sulfuric acid? 
NaCl(s) + H2SO,4(1) —+ HCl(g) + NaHSOu,(s) 


Exercise: 


Problem: 


What volume of a 0.2089 M KI solution contains enough KI to react exactly with the Cu(NO3)> in 
43.88 mL of a 0.3842 M solution of Cu(NO3)2? 
2Cu(NO3), +4KI —> 2Cul + I, + 4KNO3 


Solution: 


161.40 mL KI solution 


Exercise: 


Problem: 


A mordant is a substance that combines with a dye to produce a stable fixed color in a dyed fabric. 
Calcium acetate is used as a mordant. It is prepared by the reaction of acetic acid with calcium 
hydroxide. 

2CH3CO2H + Ca(OH), — Ca(CH3COz), + 2H,O 


What mass of Ca(OH), is required to react with the acetic acid in 25.0 mL of a solution having a 
density of 1.065 g/mL and containing 58.0% acetic acid by mass? 

Exercise: 
Problem: 
The toxic pigment called white lead, Pb3(OH)2(CO3)o, has been replaced in white paints by rutile, 
TiO». How much rutile (g) can be prepared from 379 g of an ore that contains 88.3% ilmenite 


(FeTiO3) by mass? 
2FeTiO3 + 4HCl + Cly > 2FeCls + 2TiO2g + 2H2,O 


Solution: 


176 g TiO> 


Glossary 


stoichiometric factor 
ratio of coefficients in a balanced chemical equation, used in computations relating amounts of 
reactants and products 


stoichiometry 
relationships between the amounts of reactants and products of a chemical reaction 


Reaction Yields 
By the end of this section, you will be able to: 


¢ Explain the concepts of theoretical yield and limiting reactants/reagents. 
¢ Derive the theoretical yield for a reaction under specified conditions. 
¢ Calculate the percent yield for a reaction. 


The relative amounts of reactants and products represented in a balanced chemical equation 
are often referred to as stoichiometric amounts. All the exercises of the preceding module 
involved stoichiometric amounts of reactants. For example, when calculating the amount of 
product generated from a given amount of reactant, it was assumed that any other reactants 
required were available in stoichiometric amounts (or greater). In this module, more realistic 
situations are considered, in which reactants are not present in stoichiometric amounts. 


Limiting Reactant 


Consider another food analogy, making grilled cheese sandwiches ([link]): 
Equation: 


1 slice of cheese + 2 slices of bread —> 1 sandwich 


Stoichiometric amounts of sandwich ingredients for this recipe are bread and cheese slices in a 
2:1 ratio. Provided with 28 slices of bread and 11 slices of cheese, one may prepare 11 
sandwiches per the provided recipe, using all the provided cheese and having six slices of 
bread left over. In this scenario, the number of sandwiches prepared has been limited by the 
number of cheese slices, and the bread slices have been provided in excess. 


1 sandwich = 2 slices of bread + 1 slice of cheese 


Gia “ 


Provided with: 28 slices of bread + 11 slices of cheese 
We can make: 11 sandwiches + 6 slices bread left over 


SS BS 


Sandwich making can illustrate the concepts of limiting and excess reactants. 


Consider this concept now with regard to a chemical process, the reaction of hydrogen with 
chlorine to yield hydrogen chloride: 
Equation: 


Ho(g) + Cla(g) —> 2HCI(g) 


The balanced equation shows the hydrogen and chlorine react in a 1:1 stoichiometric ratio. If 
these reactants are provided in any other amounts, one of the reactants will nearly always be 
entirely consumed, thus limiting the amount of product that may be generated. This substance 
is the limiting reactant, and the other substance is the excess reactant. Identifying the 
limiting and excess reactants for a given situation requires computing the molar amounts of 
each reactant provided and comparing them to the stoichiometric amounts represented in the 
balanced chemical equation. For example, imagine combining 3 moles of H> and 2 moles of 
Cl). This represents a 3:2 (or 1.5:1) ratio of hydrogen to chlorine present for reaction, which is 
greater than the stoichiometric ratio of 1:1. Hydrogen, therefore, is present in excess, and 
chlorine is the limiting reactant. Reaction of all the provided chlorine (2 mol) will consume 2 
mol of the 3 mol of hydrogen provided, leaving 1 mol of hydrogen unreacted. 


An alternative approach to identifying the limiting reactant involves comparing the amount of 
product expected for the complete reaction of each reactant. Each reactant amount is used to 
separately calculate the amount of product that would be formed per the reaction’s 


stoichiometry. The reactant yielding the lesser amount of product is the limiting reactant. For 
the example in the previous paragraph, complete reaction of the hydrogen would yield 
Equation: 


2 mol HCl 
mol HCl produced = 3 mol Hy x clic 6 mol HCl 
1 mol Hp» 


Complete reaction of the provided chlorine would produce 
Equation: 


2 mol HCl 
mol HCl produced = 2 mol Cl, x Cf saetuc 
1 mol Clr 


The chlorine will be completely consumed once 4 moles of HCl have been produced. Since 
enough hydrogen was provided to yield 6 moles of HCl, there will be unreacted hydrogen 
remaining once this reaction is complete. Chlorine, therefore, is the limiting reactant and 
hydrogen is the excess reactant ([link]). 


Before reaction After reaction 


6 H, and 4 Cl, 8 HCl and 2 H, 


When H> and Cl, are combined in nonstoichiometric amounts, one of these reactants will 
limit the amount of HCl that can be produced. This illustration shows a reaction in which 
hydrogen is present in excess and chlorine is the limiting reactant. 


Note: 


ae SSS 
ae 

openstax 
ee) 

as 


View this interactive simulation illustrating the concepts of limiting and excess reactants. 


Example: 

Identifying the Limiting Reactant 

Silicon nitride is a very hard, high-temperature-resistant ceramic used as a component of 
turbine blades in jet engines. It is prepared according to the following equation: 
Equation: 


35i(s) + 2N2(g) —> Si3N4(s) 


Which is the limiting reactant when 2.00 g of Si and 1.50 g of Np react? 

Solution 

Compute the provided molar amounts of reactants, and then compare these amounts to the 
balanced equation to identify the limiting reactant. 


Equation: 
1 mol Si 
1Si = 2.00-¢S% x ——""' = 0.0712 mol Si 
mol Si 38.09 ¢ Sh mol $i 
Equation: 
1 mol N 
aS IN = Me EE VAS aa Np 
28.02 ¢Nx 


The provided Si:N> molar ratio is: 
Equation: 


0.0712 mol Si 1.33 mol Si 


0.0535 mol No 1 mol Ng 


The stoichiometric Si:N> ratio is: 
Equation: 


3 mol Si 1.5 mol Si 


2 mol No - 1 mol No 


Comparing these ratios shows that Si is provided in a less-than-stoichiometric amount, and so 
is the limiting reactant. 


Alternatively, compute the amount of product expected for complete reaction of each of the 
provided reactants. The 0.0712 moles of silicon would yield 
Equation: 


1 mol Sis N4 


mol Sis N4 produced = 0.0712 mol Si x - 
3 mol Si 


= 0.0237 mol Sis Na 


while the 0.0535 moles of nitrogen would produce 
Equation: 


1 mol SiN 
mol SiN, produced = 0.0535 molN, x ——~--*. = 0.0268 mol Si,N, 
2 mol No 


Since silicon yields the lesser amount of product, it is the limiting reactant. 
Check Your Learning 
Which is the limiting reactant when 5.00 g of H> and 10.0 g of Op» react and form water? 


Note: 
Answer: 
Op 


Percent Yield 


The amount of product that may be produced by a reaction under specified conditions, as 
calculated per the stoichiometry of an appropriate balanced chemical equation, is called the 
theoretical yield of the reaction. In practice, the amount of product obtained is called the 
actual yield, and it is often less than the theoretical yield for a number of reasons. Some 
reactions are inherently inefficient, being accompanied by side reactions that generate other 
products. Others are, by nature, incomplete (consider the partial reactions of weak acids and 
bases discussed earlier in this chapter). Some products are difficult to collect without some 
loss, and so less than perfect recovery will reduce the actual yield. The extent to which a 
reaction’s theoretical yield is achieved is commonly expressed as its percent yield: 
Equation: 


actual yield 


percent yield = x 100% 


theoretical yield 


Actual and theoretical yields may be expressed as masses or molar amounts (or any other 
appropriate property; e.g., volume, if the product is a gas). As long as both yields are 


expressed using the same units, these units will cancel when percent yield is calculated. 


Example: 

Calculation of Percent Yield 

Upon reaction of 1.274 g of copper sulfate with excess zinc metal, 0.392 g copper metal was 
obtained according to the equation: 

Equation: 


CuSO,(aq) + Zn(s) —> Cu(s) + ZnSO,(aq) 


What is the percent yield? 

Solution 

The provided information identifies copper sulfate as the limiting reactant, and so the 
theoretical yield is found by the approach illustrated in the previous module, as shown here: 
Equation: 


1 mel CxS Or . 1 mot Ctr % 63.55 g Cu 
159.62 ¢CuSOr 1 mol CuSO7 1 mot €w 


Using this theoretical yield and the provided value for actual yield, the percent yield is 
calculated to be 


1.274¢CuSOr x = 0.5072 ¢ Cu 


Equation: 
actual yield 
t yield = 100 
eras Oe ( theoretical yield ) 
Equation: 
percent yield = ( jensen) x 100 
SoG 

Check Your Learning 


What is the percent yield of a reaction that produces 12.5 g of the gas Freon CF Cl, from 
32.9 g of CCl, and excess HF? 
Equation: 


CCl + 2HF —> CF 2Cl»y + 2HCl 


Note: 
Answer: 


48.3% 


Note: 

Green Chemistry and Atom Economy 

The purposeful design of chemical products and processes that minimize the use of 
environmentally hazardous substances and the generation of waste is known as green 
chemistry. Green chemistry is a philosophical approach that is being applied to many areas of 
science and technology, and its practice is summarized by guidelines known as the “Twelve 
Principles of Green Chemistry” (see details at this website). One of the 12 principles is aimed 
specifically at maximizing the efficiency of processes for synthesizing chemical products. 
The atom economy of a process is a measure of this efficiency, defined as the percentage by 
mass of the final product of a synthesis relative to the masses of all the reactants used: 
Equation: 


mass of product 


atom economy = x 100% 


mass of reactants 


Though the definition of atom economy at first glance appears very similar to that for percent 
yield, be aware that this property represents a difference in the theoretical efficiencies of 
different chemical processes. The percent yield of a given chemical process, on the other 
hand, evaluates the efficiency of a process by comparing the yield of product actually 
obtained to the maximum yield predicted by stoichiometry. 

The synthesis of the common nonprescription pain medication, ibuprofen, nicely illustrates 
the success of a green chemistry approach ((link]). First marketed in the early 1960s, 
ibuprofen was produced using a six-step synthesis that required 514 g of reactants to generate 
each mole (206 g) of ibuprofen, an atom economy of 40%. In the 1990s, an alternative 
process was developed by the BHC Company (now BASF Corporation) that requires only 
three steps and has an atom economy of ~80%, nearly twice that of the original process. The 
BHC process generates significantly less chemical waste; uses less-hazardous and recyclable 
materials; and provides significant cost-savings to the manufacturer (and, subsequently, the 
consumer). In recognition of the positive environmental impact of the BHC process, the 
company received the Environmental Protection Agency’s Greener Synthetic Pathways 
Award in 1997. 


HF | (CH;CO),0 


<_—_— 


H, Raney Ni 


TOU. 


CO, [Pd] 


O 
OH 


(a) (b) 


(a) Ibuprofen is a popular nonprescription pain medication commonly sold as 200 mg 
tablets. (b) The BHC process for synthesizing ibuprofen requires only three steps and 
exhibits an impressive atom economy. (credit a: modification of work by Derrick 
Coetzee) 


Key Concepts and Summary 


When reactions are carried out using less-than-stoichiometric quantities of reactants, the 
amount of product generated will be determined by the limiting reactant. The amount of 
product generated by a chemical reaction is its actual yield. This yield is often less than the 
amount of product predicted by the stoichiometry of the balanced chemical equation 


representing the reaction (its theoretical yield). The extent to which a reaction generates the 
theoretical amount of product is expressed as its percent yield. 


Key Equations 


: _ actual yield 
e percent yield = (eae) x 100 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


The following quantities are placed in a container: 1.5 x 1074 


mol of sulfur, and 88.0 g of diatomic oxygen. 


atoms of hydrogen, 1.0 


(a) What is the total mass in grams for the collection of all three elements? 
(b) What is the total number of moles of atoms for the three elements? 


(c) If the mixture of the three elements formed a compound with molecules that contain 
two hydrogen atoms, one sulfur atom, and four oxygen atoms, which substance is 
consumed first? 


(d) How many atoms of each remaining element would remain unreacted in the change 
described in (c)? 

Exercise: 
Problem: 


What is the limiting reactant in a reaction that produces sodium chloride from 8 g of 
sodium and 8 g of diatomic chlorine? 


Solution: 


The limiting reactant is C12. 
Exercise: 
Problem: 
Which of the postulates of Dalton's atomic theory explains why we can calculate a 
theoretical yield for a chemical reaction? 


Exercise: 


Problem: 


A student isolated 25 g of a compound following a procedure that would theoretically 
yield 81 g. What was his percent yield? 


Solution: 


Percent yield = 31% 
Exercise: 


Problem: 


A sample of 0.53 g of carbon dioxide was obtained by heating 1.31 g of calcium 
carbonate. What is the percent yield for this reaction? 


CaCO3(s) —> CaO(s) + CO2(s) 
Exercise: 


Problem: 


Freon-12, CCl)F>, is prepared from CCl, by reaction with HF. The other product of this 


reaction is HCl. Outline the steps needed to determine the percent yield of a reaction that 


produces 12.5 g of CClyF> from 32.9 g of CCly. Freon-12 has been banned and is no 
longer used as a refrigerant because it catalyzes the decomposition of ozone and has a 
very long lifetime in the atmosphere. Determine the percent yield. 


Solution: 


g CCl, —> molCCl, —> molCCl,F, — gCCl,Fo, percent yield = 48.3% 
Exercise: 

Problem: 

Citric acid, CgHgO7, a component of jams, jellies, and fruity soft drinks, is prepared 

industrially via fermentation of sucrose by the mold Aspergillus niger. The equation 


representing this reaction is 
Cy2H22011 + H2O + 302 —> 2CgHgO7 + 4H2O 


What mass of citric acid is produced from exactly 1 metric ton (1.000 x 10° kg) of 
sucrose if the yield is 92.30%? 


Exercise: 


Problem: 


Toluene, CgH5CHs, is oxidized by air under carefully controlled conditions to benzoic 
acid, CgH,;CO>H, which is used to prepare the food preservative sodium benzoate, 
CgH5CO,Na. What is the percent yield of a reaction that converts 1.000 kg of toluene to 
1.21 kg of benzoic acid? 


2CgH5CH3 + 302 —> 2CgHsCO2H + 2H2O 
Solution: 


percent yield = 91.3% 
Exercise: 
Problem: 
In a laboratory experiment, the reaction of 3.0 mol of Hy with 2.0 mol of Ip produced 1.0 


mol of HI. Determine the theoretical yield in grams and the percent yield for this 
reaction. 


Exercise: 
Problem: 
Outline the steps needed to solve the following problem, then do the calculations. Ether, 


(C,H;)0, which was originally used as an anesthetic but has been replaced by safer and 
more effective medications, is prepared by the reaction of ethanol with sulfuric acid. 


2C,H5;0H oh H SO, — (C5Hs)20 + H»SO4°H»O 


What is the percent yield of ether if 1.17 L (d = 0.7134 g/mL) is isolated from the 
reaction of 1.500 L of C;H;OH 
(d = 0.7894 g/mL)? 


Solution: 


Convert mass of ethanol to moles of ethanol; relate the moles of ethanol to the moles of 
ether produced using the stoichiometry of the balanced equation. Convert moles of ether 
to grams; divide the actual grams of ether (determined through the density) by the 
theoretical mass to determine the percent yield; 87.6% 


Exercise: 


Problem: 


Outline the steps needed to determine the limiting reactant when 30.0 g of propane, 
C3Hg, is burned with 75.0 g of oxygen. 


Determine the limiting reactant. 


Exercise: 
Problem: 
Outline the steps needed to determine the limiting reactant when 0.50 mol of Cr and 0.75 


mol of H3PO, react according to the following chemical equation. 
2Cr + 2H3PO,4 a 2CrPO, + 3H» 


Determine the limiting reactant. 
Solution: 
The conversion needed is mol Cr —+ mol H3PQOj4. Then compare the amount of Cr to 
the amount of acid present. Cr is the limiting reactant. 

Exercise: 
Problem: 
What is the limiting reactant when 1.50 g of lithium and 1.50 g of nitrogen combine to 
form lithium nitride, a component of advanced batteries, according to the following 


unbalanced equation? 
Li+ Nz — LisN 


Exercise: 
Problem: 
Uranium can be isolated from its ores by dissolving it as UO2(NO3)>, then separating it 
as solid UO»(C 0,)-3H2O. Addition of 0.4031 g of sodium oxalate, Na»C Oy, to a 


solution containing 1.481 g of uranyl nitrate, UO2(NO3)o, yields 1.073 g of solid 
UO >(C20,4)-3H2O. 


Na C704 + UO>(NO3)> + 3H »O — UO (C20,4)-3H2O + 2NaNO3 
Determine the limiting reactant and the percent yield of this reaction. 
Solution: 


Na CO, is the limiting reactant. percent yield = 86.6% 
Exercise: 
Problem: 
How many molecules of C)H,Cly can be prepared from 15 CH, molecules and 8 Cl» 
molecules? 


Exercise: 


Problem: 


How many molecules of the sweetener saccharin can be prepared from 30 C atoms, 25 H 
atoms, 12 O atoms, 8 S atoms, and 14 N atoms? 


Solution: 


Only four molecules can be made. 
Exercise: 


Problem: 


The phosphorus pentoxide used to produce phosphoric acid for cola soft drinks is 
prepared by burning phosphorus in oxygen. 


(a) What is the limiting reactant when 0.200 mol of Py and 0.200 mol of O, react 
according to Py + 50, —> P4019 


(b) Calculate the percent yield if 10.0 g of P4Oj9 is isolated from the reaction. 
Exercise: 
Problem: 
Would you agree to buy 1 trillion (1,000,000,000,000) gold atoms for $5? Explain why or 


why not. Find the current price of gold at http://money.cnn.com/data/commodities/ 
(1 troy ounce = 31.1 g) 


Solution: 


This amount cannot be weighted by ordinary balances and is worthless. 


Glossary 


actual yield 
amount of product formed in a reaction 


excess reactant 
reactant present in an amount greater than required by the reaction stoichiometry 


limiting reactant 
reactant present in an amount lower than required by the reaction stoichiometry, thus 
limiting the amount of product generated 


percent yield 
measure of the efficiency of a reaction, expressed as a percentage of the theoretical yield 


theoretical yield 
amount of product that may be produced from a given amount of reactant(s) according to 
the reaction stoichiometry 


Determining Empirical and Molecular Formulas 
By the end of this section, you will be able to: 


¢ Compute the percent composition of a compound 
¢ Determine the empirical formula of a compound 
e Determine the molecular formula of a compound 


In the previous section, we discussed the relationship between the bulk mass of a 
substance and the number of atoms or molecules it contains (moles). Given the 
chemical formula of the substance, we were able to determine the amount of the 
substance (moles) from its mass, and vice versa. But what if the chemical formula of a 
substance is unknown? In this section, we will explore how to apply these very same 
principles in order to derive the chemical formulas of unknown substances from 
experimental mass measurements. 


Percent Composition 


The elemental makeup of a compound defines its chemical identity, and chemical 
formulas are the most succinct way of representing this elemental makeup. When a 
compound’s formula is unknown, measuring the mass of each of its constituent 
elements is often the first step in the process of determining the formula 
experimentally. The results of these measurements permit the calculation of the 
compound’s percent composition, defined as the percentage by mass of each element 
in the compound. For example, consider a gaseous compound composed solely of 
carbon and hydrogen. The percent composition of this compound could be represented 
as follows: 


Equation: 
H 
GS 10% 
mass compound 
Equation: 
C 
Go — es 3 100% 


mass compound 


If analysis of a 10.0-g sample of this gas showed it to contain 2.5 g H and 7.5 g C, the 
percent composition would be calculated to be 25% H and 75% C: 
Equation: 


2.5¢H 
%H= ——“?8" oy. 100% = 25% 
10.0 g compound 


Equation: 


7.5¢C 


%C = 
° 10.0 g compound 


x 100% = 75% 


Example: 

Calculation of Percent Composition 

Analysis of a 12.04-g sample of a liquid compound composed of carbon, hydrogen, 
and nitrogen showed it to contain 7.34 g C, 1.85 g H, and 2.85 g N. What is the 
percent composition of this compound? 

Solution 

To calculate percent composition, we divide the experimentally derived mass of each 
element by the overall mass of the compound, and then convert to a percentage: 
Equation: 


= 7.34¢C a, 
%C = oi aeeemeannal x 100% = 61.0% 
GH = Dotan x 100% = 15.4% 
%N= —7BEN _ yx 100% = 23.7% 


12.04 g compound 


The analysis results indicate that the compound is 61.0% C, 15.4% H, and 23.7% N 
by mass. 

Check Your Learning 

A 24.81-g sample of a gaseous compound containing only carbon, oxygen, and 
chlorine is determined to contain 3.01 g C, 4.00 g O, and 17.81 g Cl. What is this 
compound’s percent composition? 


Note: 
Answer: 
hess leek Gomis in Lyn bevallen on Bil 


Determining Percent Composition from Formula Mass 


Percent composition is also useful for evaluating the relative abundance of a given 
element in different compounds of known formulas. As one example, consider the 
common nitrogen-containing fertilizers ammonia (NH3), ammonium nitrate 
(NH,NO3), and urea (CH4N>O). The element nitrogen is the active ingredient for 
agricultural purposes, so the mass percentage of nitrogen in the compound is a 
practical and economic concern for consumers choosing among these fertilizers. For 
these sorts of applications, the percent composition of a compound is easily derived 
from its formula mass and the atomic masses of its constituent elements. A molecule 
of NH3 contains one N atom weighing 14.01 amu and three H atoms weighing a total 
of (3 x 1.008 amu) = 3.024 amu. The formula mass of ammonia is therefore (14.01 
amu + 3.024 amu) = 17.03 amu, and its percent composition is: 

Equation: 


— _14.01 amu N a, 
YN = 17.03 amu NH x 100% = 82.27% 


%H= Tossunn, X 100% = 17.76% 


This same approach may be taken considering a pair of molecules, a dozen molecules, 
or a mole of molecules, etc. The latter amount is most convenient and would simply 
involve the use of molar masses instead of atomic and formula masses, as 
demonstrated [link]. As long as we know the chemical formula of the substance in 
question, we can easily derive percent composition from the formula mass or molar 
mass. 


Example: 

Determining Percent Composition from a Molecular Formula 

Aspirin is a compound with the molecular formula CgHgO4. What is its percent 
composition? 

Solution 

To calculate the percent composition, we need to know the masses of C, H, and O ina 
known mass of CgHgOy. It is convenient to consider 1 mol of CgHgOy, and use its 
molar mass (180.159 g/mole, determined from the chemical formula) to calculate the 
percentages of each of its elements: 

Equation: 


9 x 12.01 g/mol 


— 9mol C x molar mass C ss 
40 = molar mass CgHgO4 x 100 = 180.159 g/mol 
% C = 60.00% C 
Equation: 
— 8molH x molar mass H _ 8x 1.008 g/mol 
4H = molar mass C9HgO4 x 100 = 180.159 g/mol 
%H = 4.476% H 
Equation: 
_ 4molO x molar mass O _ 4x 16.00 g/mol 
40 = molar mass CoHgO4 x 100 = 180.159 g/mol 
% O = 35.52% 
Note that these percentages sum to equal 100.00% when appropriately rounded. 
Check Your Learning 
To three significant digits, what is the mass percentage of iron in the compound 
Fe 03? 
Note: 
Answer: 
69.9% Fe 


Determination of Empirical Formulas 


x 100 = 


108.09 g/mol 
180.159 g/mol 


8.064 g/mol 


x 100 = 430759 g/mol 


64.00 g/mol 


x 100 = 750t59 g/mol 


x 100 


x 100 


x 100 


As previously mentioned, the most common approach to determining a compound’s 
chemical formula is to first measure the masses of its constituent elements. However, 


we must keep in mind that chemical formulas represent the relative numbers, not 


masses, of atoms in the substance. Therefore, any experimentally derived data 


involving mass must be used to derive the corresponding numbers of atoms in the 


compound. To accomplish this, we can use molar masses to convert the mass of each 


element to a number of moles. We then consider the moles of each element relative to 
each other, converting these numbers into a whole-number ratio that can be used to 
derive the empirical formula of the substance. Consider a sample of compound 
determined to contain 1.71 g C and 0.287 g H. The corresponding numbers of atoms 
(in moles) are: 

Equation: 


1.17gC x TEC = 0.142 mol C 


lmolH _ 
0.287 gH x 7.008 ¢ T = 0.284 mol H 


Thus, we can accurately represent this compound with the formula Cp 449Hp 24. Of 
course, per accepted convention, formulas contain whole-number subscripts, which 
can be achieved by dividing each subscript by the smaller subscript: 
Equation: 
C 0.142 H 0.248 OTF CH, 
0.142 


0.142 


(Recall that subscripts of “1” are not written but rather assumed if no other number is 
present.) 


The empirical formula for this compound is thus CH. This may or not be the 
compound’s molecular formula as well; however, we would need additional 
information to make that determination (as discussed later in this section). 


Consider as another example a sample of compound determined to contain 5.31 g Cl 
and 8.40 g O. Following the same approach yields a tentative empirical formula of: 
Equation: 

C1o.15000.525 = Cl 010 O 052% = C1035 


0.150 


In this case, dividing by the smallest subscript still leaves us with a decimal subscript 
in the empirical formula. To convert this into a whole number, we must multiply each 
of the subscripts by two, retaining the same atom ratio and yielding CljO7 as the final 
empirical formula. 


In summary, empirical formulas are derived from experimentally measured element 
masses by: 


1. Deriving the number of moles of each element from its mass 

2. Dividing each element’s molar amount by the smallest molar amount to yield 
subscripts for a tentative empirical formula 

3. Multiplying all coefficients by an integer, if necessary, to ensure that the smallest 
whole-number ratio of subscripts is obtained 


[link] outlines this procedure in flow chart fashion for a substance containing elements 
A and X. 


Mass of 
Aatoms 


Moles of 
Divide by A atoms 
molar mass 


Ato X Empirical 
Divide by mole ratio Convert ratio to formula 
lowest number lowest whole 
of moles numbers 


Mass of 
X atoms 


Moles of 
Divide by X atoms 
molar mass 


The empirical formula of a compound can be derived from the masses of all 
elements in the sample. 


Example: 
Determining a Compound’s Empirical Formula from the Masses of Its Elements 
A sample of the black mineral hematite ([link]), an oxide of iron found in many iron 


ores, contains 34.97 g of iron and 15.03 g of oxygen. What is the empirical formula 
of hematite? 


Hematite is an iron oxide that is used in jewelry. (credit: Mauro Cateb) 


Solution 

For this problem, we are given the mass in grams of each element. Begin by finding 
the moles of each: 

Equation: 


34.97 gFe( BF) = 0.6261 mol Fe 


| 


0.9394 mol O 


15.03 g 0 ( B42.) 


Next, derive the iron-to-oxygen molar ratio by dividing by the lesser number of 
moles: 
Equation: 


1 = 1.000 mol Fe 
0.9304 = 1.500 mol O 


The ratio is 1.000 mol of iron to 1.500 mol of oxygen (Fe,O 5). Finally, multiply the 
ratio by two to get the smallest possible whole number subscripts while still 


maintaining the correct iron-to-oxygen ratio: 
Equation: 


2 (Fe,Oj;5) = Fe.O3 


The empirical formula is FeO3. 

Check Your Learning 

What is the empirical formula of a compound if a sample contains 0.130 g of nitrogen 
and 0.370 g of oxygen? 


Note: 
Answer: 
N Os 


Note: 


openstax 
Sa 
ss) 


For additional worked examples illustrating the derivation of empirical formulas, 
watch the brief video clip. 


Deriving Empirical Formulas from Percent Composition 


Finally, with regard to deriving empirical formulas, consider instances in which a 
compound’s percent composition is available rather than the absolute masses of the 
compound’s constituent elements. In such cases, the percent composition can be used 
to calculate the masses of elements present in any convenient mass of compound; 
these masses can then be used to derive the empirical formula in the usual fashion. 


Example: 

Determining an Empirical Formula from Percent Composition 

The bacterial fermentation of grain to produce ethanol forms a gas with a percent 
composition of 27.29% C and 72.71% O ([link]). What is the empirical formula for 
this gas? 


ae 


An oxide of carbon is removed from these fermentation tanks through the 
large copper pipes at the top. (credit: “Dual Freq”/Wikimedia Commons) 


Solution 

Since the scale for percentages is 100, it is most convenient to calculate the mass of 
elements present in a sample weighing 100 g. The calculation is “most convenient” 
because, per the definition for percent composition, the mass of a given element in 
grams is numerically equivalent to the element’s mass percentage. This numerical 


equivalence results from the definition of the “percentage” unit, whose name is 
derived from the Latin phrase per centum meaning “by the hundred.” Considering 
this definition, the mass percentages provided may be more conveniently expressed 
as fractions: 

Equation: 


_ __2729¢0 _ 
27.2970: = 100 g compound 

eo 
Zi yoO = 100 g compound 


The molar amounts of carbon and hydrogen in a 100-g sample are calculated by 
dividing each element’s mass by its molar mass: 
Equation: 


27.29gC (BAZ) = 2.272mol C 


72.71g0 (BAO) = 4.544mol O 


Coefficients for the tentative empirical formula are derived by dividing each molar 
amount by the lesser of the two: 
Equation: 


2.272molC  __ 
DID ae 

4.544molO __ y) 
222 


Since the resulting ratio is one carbon to two oxygen atoms, the empirical formula is 
CO>. 

Check Your Learning 

What is the empirical formula of a compound containing 40.0% C, 6.71% H, and 
53.28% O°? 


Note: 
Answer: 
CH,O 


Derivation of Molecular Formulas 


Recall that empirical formulas are symbols representing the relative numbers of a 
compound’s elements. Determining the absolute numbers of atoms that compose a 
single molecule of a covalent compound requires knowledge of both its empirical 
formula and its molecular mass or molar mass. These quantities may be determined 
experimentally by various measurement techniques. Molecular mass, for example, is 
often derived from the mass spectrum of the compound (see discussion of this 
technique in the previous chapter on atoms and molecules). Molar mass can be 
measured by a number of experimental methods, many of which will be introduced in 
later chapters of this text. 


Molecular formulas are derived by comparing the compound’s molecular or molar 
mass to its empirical formula mass. As the name suggests, an empirical formula 
mass is the sum of the average atomic masses of all the atoms represented in an 
empirical formula. If we know the molecular (or molar) mass of the substance, we can 
divide this by the empirical formula mass in order to identify the number of empirical 
formula units per molecule, which we designate as n: 

Equation: 


molecular or molar mass (amu or — ) 
= n formula units/molecule 


empirical formula mass (amu or —=-) 


The molecular formula is then obtained by multiplying each subscript in the empirical 
formula by n, as shown by the generic empirical formula A,By: 
Equation: 


(A.By), = AnsBay 


For example, consider a covalent compound whose empirical formula is determined to 
be CH,O. The empirical formula mass for this compound is approximately 30 amu 
(the sum of 12 amu for one C atom, 2 amu for two H atoms, and 16 amu for one O 
atom). If the compound’s molecular mass is determined to be 180 amu, this indicates 
that molecules of this compound contain six times the number of atoms represented in 
the empirical formula: 

Equation: 


180 amu/molecule 
30 amu 


formula unit 


= 6 formula units/molecule 


Molecules of this compound are then represented by molecular formulas whose 
subscripts are six times greater than those in the empirical formula: 
Equation: 


(CH,O), = CgH120¢ 


Note that this same approach may be used when the molar mass (g/mol) instead of the 
molecular mass (amu) is used. In this case, we are merely considering one mole of 
empirical formula units and molecules, as opposed to single units and molecules. 


Example: 

Determination of the Molecular Formula for Nicotine 

Nicotine, an alkaloid in the nightshade family of plants that is mainly responsible for 
the addictive nature of cigarettes, contains 74.02% C, 8.710% H, and 17.27% N. If 
40.57 g of nicotine contains 0.2500 mol nicotine, what is the molecular formula? 
Solution 

Determining the molecular formula from the provided data will require comparison 
of the compound’s empirical formula mass to its molar mass. As the first step, use the 
percent composition to derive the compound’s empirical formula. Assuming a 
convenient, a 100-g sample of nicotine yields the following molar amounts of its 
elements: 

Equation: 


(74.0280) (b"%) = 6.163mol C 
(8.710gH) (722%) = 8.624mol H 


(17.27gN) (a2) = 1.233molN 


Next, we calculate the molar ratios of these elements relative to the least abundant 
element, N. 
Equation: 

6.163 mol C / 1.233 mol N = 5 


Equation: 


8.264 mol H / 1.233 mol N = 7 


Equation: 


1.233 mol N / 1.233 mol N = 1 


Equation: 
7333 = 1.000 mol N 
$563 = 4,998 mol C 
$0 = 6.994molH 


The C-to-N and H-to-N molar ratios are adequately close to whole numbers, and so 
the empirical formula is C;H7N. The empirical formula mass for this compound is 
therefore 81.13 amu/formula unit, or 81.13 g/mol formula unit. 

We calculate the molar mass for nicotine from the given mass and molar amount of 
compound: 

Equation: 


40.57 g nicotine 162.3 ¢ 


0.2500 mol nicotine mol 


Comparing the molar mass and empirical formula mass indicates that each nicotine 
molecule contains two formula units: 
Equation: 


162.3 g/mol 
81.13 5 


formula unit 


= 2 formula units/molecule 


Thus, we can derive the molecular formula for nicotine from the empirical formula by 
multiplying each subscript by two: 
Equation: 


(C.H7N), = CioHi4No 


Check Your Learning 
What is the molecular formula of a compound with a percent composition of 49.47% 
C, 5.201% H, 28.84% N, and 16.48% O, and a molecular mass of 194.2 amu? 


Note: 
Answer: 
CgHi9N40> 


Key Concepts and Summary 


The chemical identity of a substance is defined by the types and relative numbers of 
atoms composing its fundamental entities (molecules in the case of covalent 
compounds, ions in the case of ionic compounds). A compound’s percent composition 
provides the mass percentage of each element in the compound, and it is often 
experimentally determined and used to derive the compound’s empirical formula. The 
empirical formula mass of a covalent compound may be compared to the compound’s 
molecular or molar mass to derive a molecular formula. 

Exercise: 


Problem: 


What information do we need to determine the molecular formula of a compound 
from the empirical formula? 


Exercise: 
Problem: Calculate the following to four significant figures: 
(a) the percent composition of ammonia, NH3 
(b) the percent composition of photographic fixer solution (“hypo”), Na»S»O03 
(c) the percent of calcium ion in Ca3(PO,)> 
Solution: 
(a) % N = 82.24% 
% H = 17.76%; 
(b) % Na = 29.08% 
% S = 40.56% 


% O = 30.36%; 
(c) % Ca** = 38.76% 


Exercise: 


Problem: Determine the following to four significant figures: 


(a) the percent composition of hydrazoic acid, HN3 
(b) the percent composition of TNT, CgH»(CH3)(NO>)3 


(c) the percent of SO,7- in Aly(SO.)3 
Exercise: 


Problem: 


Determine the percent ammonia, NH3, in Co(NH3)¢Cls, to three significant 
figures. 


Solution: 


% NH3 = 38.2% 
Exercise: 


Problem: 


Determine the percent water in CuSO4°5H>O to three significant figures. 
Exercise: 


Problem: 


Determine the empirical formulas for compounds with the following percent 
compositions: 


(a) 15.8% carbon and 84.2% sulfur 
(b) 40.0% carbon, 6.7% hydrogen, and 53.3% oxygen 
Solution: 


(a) CS) 
(b) CH,O 
Exercise: 


Problem: 


Determine the empirical formulas for compounds with the following percent 
compositions: 


(a) 43.6% phosphorus and 56.4% oxygen 


(b) 28.7% K, 1.5% H, 22.8% P, and 47.0% O 
Exercise: 
Problem: 


A compound of carbon and hydrogen contains 92.3% C and has a molar mass of 
78.1 g/mol. What is its molecular formula? 


Solution: 


CgH, 
Exercise: 
Problem: 
Dichloroethane, a compound that is often used for dry cleaning, contains carbon, 
hydrogen, and chlorine. It has a molar mass of 99 g/mol. Analysis of a sample 


shows that it contains 24.3% carbon and 4.1% hydrogen. What is its molecular 
formula? 


Exercise: 
Problem: 
Determine the empirical and molecular formula for chrysotile asbestos. 
Chrysotile has the following percent composition: 28.03% Mg, 21.60% Si, 
1.16% H, and 49.21% O. The molar mass for chrysotile is 520.8 g/mol. 


Solution: 


Mg3Siy7H3O0g (empirical formula), MggSi,HgO ¢ (molecular formula) 
Exercise: 

Problem: 

Polymers are large molecules composed of simple units repeated many times. 

Thus, they often have relatively simple empirical formulas. Calculate the 

empirical formulas of the following polymers: 

(a) Lucite (Plexiglas); 59.9% C, 8.06% H, 32.0% O 

(b) Saran; 24.8% C, 2.0% H, 73.1% Cl 


(c) polyethylene; 86% C, 14% H 


(d) polystyrene; 92.3% C, 7.7% H 


(e) Orlon; 67.9% C, 5.70% H, 26.4% N 
Exercise: 
Problem: 
A major textile dye manufacturer developed a new yellow dye. The dye has a 


percent composition of 75.95% C, 17.72% N, and 6.33% H by mass with a molar 
mass of about 240 g/mol. Determine the molecular formula of the dye. 


Solution: 


C15H15N3 


Key Equations 


© X= —masX _ x 100% 


mass compound 
molecular or molar mass (amu or =) 


empirical formula mass (amu or =) 


- (AxBy)n — AnxBny 


= n formula units/molecule 


Glossary 


empirical formula mass 
sum of average atomic masses for all atoms represented in an empirical formula 


percent composition 
percentage by mass of the various elements in a compound 


Introduction 
class="introduction" 


e Chemical Reaction Rates 

e Factors Affecting Reaction Rates 
e Rate Laws 

e Integrated Rate Laws 

e Collision Theory 

e Reaction Mechanisms 

e Catalysis 
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The lizard in the photograph is not simply enjoying the sunshine or working 
on its tan. The heat from the sun’s rays is critical to the lizard’s survival. A 
warm lizard can move faster than a cold one because the chemical reactions 
that allow its muscles to move occur more rapidly at higher temperatures. In 
the absence of warmth, the lizard is an easy meal for predators. 


From baking a cake to determining the useful lifespan of a bridge, rates of 
chemical reactions play important roles in our understanding of processes 
that involve chemical changes. When planning to run a chemical reaction, 
we should ask at least two questions. The first is: “Will the reaction produce 
the desired products in useful quantities?” The second question is: “How 
rapidly will the reaction occur?” A reaction that takes 50 years to produce a 
product is about as useful as one that never gives a product at all. A third 
question is often asked when investigating reactions in greater detail: “What 
specific molecular-level processes take place as the reaction occurs?” 
Knowing the answer to this question is of practical importance when the 
yield or rate of a reaction needs to be controlled. 


The study of chemical kinetics concerns the second and third questions— 
that is, the rate at which a reaction yields products and the molecular-scale 
means by which a reaction occurs. In this chapter, we will examine the 
factors that influence the rates of chemical reactions, the mechanisms by 
which reactions proceed, and the quantitative techniques used to determine 
and describe the rate at which reactions occur. 


Chemical Reaction Rates 
By the end of this section, you will be able to: 


¢ Define chemical reaction rate 
e Derive rate expressions from the balanced equation for a given chemical reaction 
¢ Calculate reaction rates from experimental data 


A rate is a measure of how some property varies with time. Speed is a familiar rate that 
expresses the distance traveled by an object in a given amount of time. Wage is a rate 
that represents the amount of money earned by a person working for a given amount of 
time. Likewise, the rate of a chemical reaction is a measure of how much reactant is 
consumed, or how much product is produced, by the reaction in a given amount of time. 


The rate of reaction is the change in the amount of a reactant or product per unit time. 
Reaction rates are therefore determined by measuring the time dependence of some 
property that can be related to reactant or product amounts. Rates of reactions that 
consume or produce gaseous substances, for example, are conveniently determined by 
measuring changes in volume or pressure. For reactions involving one or more colored 
substances, rates may be monitored via measurements of light absorption. For reactions 
involving aqueous electrolytes, rates may be measured via changes in a solution’s 
conductivity. 


For reactants and products in solution, their relative amounts (concentrations) are 
conveniently used for purposes of expressing reaction rates. If we measure the 
concentration of hydrogen peroxide, H»O>, in an aqueous solution, we find that it 
changes slowly over time as the HO» decomposes, according to the equation: 
Equation: 


2H2O02(aqg) —> 2H2O(l) + Oo(g) 


The rate at which the hydrogen peroxide decomposes can be expressed in terms of the 
rate of change of its concentration, as shown here: 
Equation: 


_ __ change in concentration of reactant 
time interval 
[H202],, — [H202],, 
to — ty 
=, A[H205] 
— At 


rate of decomposition of H,O2 


This mathematical representation of the change in species concentration over time is the 
rate expression for the reaction. The brackets indicate molar concentrations, and the 


symbol delta (A) indicates “change in.” Thus, [H209],, represents the molar 
concentration of hydrogen peroxide at some time t,; likewise, |H209| 1, fepresents the 
molar concentration of hydrogen peroxide at a later time t); and A[H»O>] represents the 
change in molar concentration of hydrogen peroxide during the time interval At (that is, 
t> — t,). Since the reactant concentration decreases as the reaction proceeds, A[HjO>] is 
a negative quantity; we place a negative sign in front of the expression because reaction 
rates are, by convention, positive quantities. [link] provides an example of data 
collected during the decomposition of H)O>. 


The rate of decomposition of H»O> in an aqueous solution decreases as the 
concentration of HO, decreases. 


To obtain the tabulated results for this decomposition, the concentration of hydrogen 
peroxide was measured every 6 hours over the course of a day at a constant temperature 
of 40 °C. Reaction rates were computed for each time interval by dividing the change in 
concentration by the corresponding time increment, as shown here for the first 6-hour 
period: 

Equation: 


—A|H202] _— —( 0.500 mol/L — 1.000 mol/L) 
At (6.00 h — 0.00 h) 


= 0.0833 mol L~!h7! 


Notice that the reaction rates vary with time, decreasing as the reaction proceeds. 
Results for the last 6-hour period yield a reaction rate of: 
Equation: 


—A|H202) — —(0.0625 mol/L — 0.125 mol/L) 
At (24.00 h — 18.00 h) 


— 0.0104 mol L7! h7! 


This behavior indicates the reaction continually slows with time. Using the 
concentrations at the beginning and end of a time period over which the reaction rate is 
changing results in the calculation of an average rate for the reaction over this time 
interval. At any specific time, the rate at which a reaction is proceeding is known as its 
instantaneous rate. The instantaneous rate of a reaction at “time zero,” when the 
reaction commences, is its initial rate. Consider the analogy of a car slowing down as it 
approaches a stop sign. The vehicle’s initial rate—analogous to the beginning of a 
chemical reaction—would be the speedometer reading at the moment the driver begins 
pressing the brakes (to). A few moments later, the instantaneous rate at a specific 
moment—call it tj —would be somewhat slower, as indicated by the speedometer 
reading at that point in time. As time passes, the instantaneous rate will continue to fall 
until it reaches zero, when the car (or reaction) stops. Unlike instantaneous speed, the 
car’s average speed is not indicated by the speedometer; but it can be calculated as the 
ratio of the distance traveled to the time required to bring the vehicle to a complete stop 
(At). Like the decelerating car, the average rate of a chemical reaction will fall 
somewhere between its initial and final rates. 


The instantaneous rate of a reaction may be determined one of two ways. If 
experimental conditions permit the measurement of concentration changes over very 
short time intervals, then average rates computed as described earlier provide 
reasonably good approximations of instantaneous rates. Alternatively, a graphical 
procedure may be used that, in effect, yields the results that would be obtained if short 
time interval measurements were possible. If we plot the concentration of hydrogen 
peroxide against time, the instantaneous rate of decomposition of HO, at any time t is 
given by the slope of a straight line that is tangent to the curve at that time ({link]). We 
can use calculus to evaluating the slopes of such tangent lines, but the procedure for 
doing so is beyond the scope of this chapter. 


[H0,] (mol L7) 


Time (h) 


This graph shows a plot of concentration versus time for a 1.000 M solution 
of H»O>. The rate at any instant is equal to the opposite of the slope of a 
line tangential to this curve at that time. Tangents are shown at t= 0h 
(“initial rate”) and at t = 10 h (“instantaneous rate” at that particular time). 


Note: 

Reaction Rates in Analysis: Test Strips for Urinalysis 

Physicians often use disposable test strips to measure the amounts of various 
substances in a patient’s urine ({link]). These test strips contain various chemical 
reagents, embedded in small pads at various locations along the strip, which undergo 
changes in color upon exposure to sufficient concentrations of specific substances. The 
usage instructions for test strips often stress that proper read time is critical for optimal 
results. This emphasis on read time suggests that kinetic aspects of the chemical 
reactions occurring on the test strip are important considerations. 

The test for urinary glucose relies on a two-step process represented by the chemical 
equations shown here: 

Equation: 


CegH120¢ + O2 CgH190¢ + H202 


catalyst 


Equation: 


2H2O2 + 2I- I, + 2H2O + Oo 


catalyst 


The first equation depicts the oxidation of glucose in the urine to yield glucolactone 
and hydrogen peroxide. The hydrogen peroxide produced subsequently oxidizes 
colorless iodide ion to yield brown iodine, which may be visually detected. Some strips 
include an additional substance that reacts with iodine to produce a more distinct color 
change. 

The two test reactions shown above are inherently very slow, but their rates are 
increased by special enzymes embedded in the test strip pad. This is an example of 
catalysis, a topic discussed later in this chapter. A typical glucose test strip for use with 
urine requires approximately 30 seconds for completion of the color-forming reactions. 
Reading the result too soon might lead one to conclude that the glucose concentration 
of the urine sample is lower than it actually is (a false-negative result). Waiting too 
long to assess the color change can lead to a false positive due to the slower (not 
catalyzed) oxidation of iodide ion by other substances found in urine. 


~~ a @ 


Test strips are commonly used to detect the presence of specific substances 
in a person’s urine. Many test strips have several pads containing various 
reagents to permit the detection of multiple substances on a single strip. 
(credit: Iqbal Osman) 


Relative Rates of Reaction 


The rate of a reaction may be expressed in terms of the change in the amount of any 
reactant or product, and may be simply derived from the stoichiometry of the reaction. 
Consider the reaction represented by the following equation: 

Equation: 


2NH3(g) —> No(g) + 3H2(9) 


The stoichiometric factors derived from this equation may be used to relate reaction 
rates in the same manner that they are used to relate reactant and product amounts. The 
relation between the reaction rates expressed in terms of nitrogen production and 
ammonia consumption, for example, is: 

Equation: 


Amol NH3 . 1molN, — AmolN» 
At 2molNH3z At 


We can express this more simply without showing the stoichiometric factor’s units: 
Equation: 


1 AmolNH3; — AmolN» 


2 At At 


Note that a negative sign has been added to account for the opposite signs of the two 
amount changes (the reactant amount is decreasing while the product amount is 
increasing). If the reactants and products are present in the same solution, the molar 
amounts may be replaced by concentrations: 

Equation: 


1 A[NH3] — A[N)| 
2 At At 


Similarly, the rate of formation of Hp is three times the rate of formation of Nj because 
three moles of Hz form during the time required for the formation of one mole of No: 
Equation: 


1 AlH3] — AINy 


3. At At 


[link] illustrates the change in concentrations over time for the decomposition of 
ammonia into nitrogen and hydrogen at 1100 °C. We can see from the slopes of the 
tangents drawn at t = 500 seconds that the instantaneous rates of change in the 
concentrations of the reactants and products are related by their stoichiometric factors. 
The rate of hydrogen production, for example, is observed to be three times greater than 
that for nitrogen production: 


Equation: 
2.91 x 10°M/s | 
9.70 x 10°’ M/s 
4.0 x 10° 
| 
| [Ha] 
| 
S 3.0: x 16° | ae 
2) a= = —6 
= [NH] | a slope = 2.91 x 10 ° M/s 
5 | 
§ 20x10% 
e “* l 
8 | - SINE a: ~slope = 1.94 x 10° M/s 
¢ At 
) 


1.0 x 10°3 VA ~~ [Na] 
fA | | 


0 &/ | 
0 500 1000 1500 2000 


Time (s) 
= slope = 9.70 x 10°’ M/s 


A[Ng] 
At 


This graph shows the changes in concentrations of the reactants and products 
during the reaction 2NH3 —+> N»2-+ 3Hb. The rates of change of the three 
concentrations are related by their stoichiometric factors, as shown by the different 
slopes of the tangents at t = 500 s. 


Example: 

Expressions for Relative Reaction Rates 

The first step in the production of nitric acid is the combustion of ammonia: 
Equation: 


4NH3(g) + 502(g) —> 4NO(g) + 6H2O0(g) 


Write the equations that relate the rates of consumption of the reactants and the rates of 
formation of the products. 

Solution 

Considering the stoichiometry of this homogeneous reaction, the rates for the 
consumption of reactants and formation of products are: 


Equation: 
4 At 5 At 4 At 6 At 
Check Your Learning 


The rate of formation of Br> is 6.0 x 10°° mol/L/s in a reaction described by the 
following net ionic equation: 
Equation: 


5Br + BrO3; +6H' —> 3Br.+3H.O 


Write the equations that relate the rates of consumption of the reactants and the rates of 
formation of the products. 


Note 

Answer: 

i ANI] A[BrO37] __ il A[H"] — 1 AJBry) — 4 A[H2O] 
fo Nv as ne NG a Ns oe Ne oe NY 
Example: 


Reaction Rate Expressions for Decomposition of H202 
The graph in [link] shows the rate of the decomposition of HO? over time: 


Equation: 
2H»O» — 2H,O Oo 


Based on these data, the instantaneous rate of decomposition of H2O> at t = 11.1 his 
determined to be 
3.20 x 10°? mol/L/h, that is: 


Equation: 
A|H2O 
_ AUB202) _ 3 99 x 10-2mol Lth-! 
At 
What is the instantaneous rate of production of H2O and O2? 
Solution 
Using the stoichiometry of the reaction, we may determine that: 
Equation: 
1 A|H2039] = 1 A|H20| A[O,] 
22 ES Oo A A: 
Therefore: 
Equation: 
1 A|O,] 
— x 3.20 x 10°? molL th! = 
5 x x mo Ad 
and 
Equation: 
A\O 
Oa) 160 x 10-2 mol Lh! 
At 
Check Your Learning 


If the rate of decomposition of ammonia, NHs3, at 1150 K is 2.10 x 10°© mol/L/s, what 
is the rate of production of nitrogen and hydrogen? 


Note: 
Answer: 
1.05 x 10°© mol/L/s, No and 3.15 x 10 © mol/L/s, Hp. 


Key Concepts and Summary 


The rate of a reaction can be expressed either in terms of the decrease in the amount of 
a reactant or the increase in the amount of a product per unit time. Relations between 
different rate expressions for a given reaction are derived directly from the 
stoichiometric coefficients of the equation representing the reaction. 


Key Equations 


e relative reaction rates foraA —> bB = — “ = + pemel e 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 
What is the difference between average rate, initial rate, and instantaneous rate? 
Solution: 


The instantaneous rate is the rate of a reaction at any particular point in time, a 
period of time that is so short that the concentrations of reactants and products 
change by a negligible amount. The initial rate is the instantaneous rate of reaction 
as it starts (as product just begins to form). Average rate is the average of the 
instantaneous rates over a time period. 


Exercise: 


Problem: 


Ozone decomposes to oxygen according to the equation 203(g) —> 302(g). 
Write the equation that relates the rate expressions for this reaction in terms of the 
disappearance of O3 and the formation of oxygen. 


Exercise: 


Problem: 


In the nuclear industry, chlorine trifluoride is used to prepare uranium 
hexafluoride, a volatile compound of uranium used in the separation of uranium 
isotopes. Chlorine trifluoride is prepared by the reaction 

Clo(g) + 3F2(g) —> 2CIlF3(g). Write the equation that relates the rate 
expressions for this reaction in terms of the disappearance of Cl» and F> and the 
formation of CIF3. 


Solution: 


— , 1 AI[CIF3] A[Chy] 1 AIF) 
Pate SS 5 ag At —~ 3 At 
Exercise: 
Problem: 


A study of the rate of dimerization of C4Hg¢ gave the data shown in the table: 
2C4He¢ — > CsH2 


a 0 1600 3200 A800 6200 
[Cue] 1.00 x 5.04 x 3:37 x D5 3% 2.08 x 
(M) 10°° 10° 10° 10°° 10°° 


(a) Determine the average rate of dimerization between 0 s and 1600 s, and 
between 1600 s and 3200 s. 


(b) Estimate the instantaneous rate of dimerization at 3200 s from a graph of time 
versus [C,H¢]. What are the units of this rate? 


(c) Determine the average rate of formation of CgH), at 1600 s and the 

instantaneous rate of formation at 3200 s from the rates found in parts (a) and (b). 
Exercise: 

Problem: 


A study of the rate of the reaction represented as 2A —> B gave the following 
data: 


Time 0.0 50 10.0 15.0 20.0 25.0 35.0 
(s) 


[A] 


(M) 1.00 0.775 0.625 0.465 0.360 0.285 0.230 


(a) Determine the average rate of disappearance of A between 0.0 s and 10.0 s, and 
between 10.0 s and 20.0 s. 


(b) Estimate the instantaneous rate of disappearance of A at 15.0 s from a graph of 
time versus [A]. What are the units of this rate? 


(c) Use the rates found in parts (a) and (b) to determine the average rate of 
formation of B between 0.00 s and 10.0 s, and the instantaneous rate of formation 
of Bat 15.0s. 


Solution: 


(a) average rate, 0 - 10 s = 0.0375 mol aa oe average rate, 10 — 20s = 0.0265 
mol L's +; (b) instantaneous rate, 15 s = 0.023 mol L's }; (c) average rate for B 
formation = 0.0188 mol L! s_!; instantaneous rate for B formation = 0.012 mol 
Leese 


Exercise: 


Consider the following reaction in aqueous solution: 
Problem: 5Br (ag) + BrO3 (aq) + 6H‘ (aq) —> 3Br2(aq) + 3H2O(I) 


If the rate of disappearance of Br (aq) at a particular moment during the reaction is 
3.5 x 104M s!, what is the rate of appearance of Br>(aq) at that moment? 


Glossary 


average rate 
rate of a chemical reaction computed as the ratio of a measured change in amount 
or concentration of substance to the time interval over which the change occurred 


initial rate 
instantaneous rate of a chemical reaction at t = 0 s (immediately after the reaction 
has begun) 


instantaneous rate 
rate of a chemical reaction at any instant in time, determined by the slope of the 
line tangential to a graph of concentration as a function of time 


rate of reaction 
measure of the speed at which a chemical reaction takes place 


rate expression 
mathematical representation relating reaction rate to changes in amount, 
concentration, or pressure of reactant or product species per unit time 


Factors Affecting Reaction Rates 
By the end of this section, you will be able to: 


e Describe the effects of chemical nature, physical state, temperature, 
concentration, and catalysis on reaction rates 


The rates at which reactants are consumed and products are formed during 
chemical reactions vary greatly. We can identify five factors that affect the 
rates of chemical reactions: the chemical nature of the reacting substances, 
the state of subdivision (one large lump versus many small particles) of the 
reactants, the temperature of the reactants, the concentration of the 
reactants, and the presence of a catalyst. 


The Chemical Nature of the Reacting Substances 


The rate of a reaction depends on the nature of the participating substances. 
Reactions that appear similar may have different rates under the same 
conditions, depending on the identity of the reactants. For example, when 
small pieces of the metals iron and sodium are exposed to air, the sodium 
reacts completely with air overnight, whereas the iron is barely affected. 
The active metals calcium and sodium both react with water to form 
hydrogen gas and a base. Yet calcium reacts at a moderate rate, whereas 
sodium reacts so rapidly that the reaction is almost explosive. 


The State of Subdivision of the Reactants 


Except for substances in the gaseous state or in solution, reactions occur at 
the boundary, or interface, between two phases. Hence, the rate of a reaction 
between two phases depends to a great extent on the surface contact 
between them. A finely divided solid has more surface area available for 
reaction than does one large piece of the same substance. Thus a liquid will 
react more rapidly with a finely divided solid than with a large piece of the 
same solid. For example, large pieces of iron react slowly with acids; finely 
divided iron reacts much more rapidly ({link]). Large pieces of wood 
smolder, smaller pieces burn rapidly, and saw dust burns explosively. 


(a) (b) 


(a) Iron powder reacts rapidly with dilute hydrochloric acid and 
produces bubbles of hydrogen gas because the powder has a large total 
surface area: 2Fe(s) + GHCl(aq) —> 2FeCl3(aq) + 3H>(g). (b) An iron 

nail reacts more slowly. 


Note: 


openstax 
at 
Pe 


Watch this video to see the reaction of cesium with water in slow motion 
and a discussion of how the state of reactants and particle size affect 
reaction rates. 


Temperature of the Reactants 


Chemical reactions typically occur faster at higher temperatures. Food can 
spoil quickly when left on the kitchen counter. However, the lower 
temperature inside of a refrigerator slows that process so that the same food 
remains fresh for days. We use a burner or a hot plate in the laboratory to 
increase the speed of reactions that proceed slowly at ordinary 
temperatures. In many cases, an increase in temperature of only 10 °C will 
approximately double the rate of a reaction in a homogeneous system. 


Concentrations of the Reactants 


The rates of many reactions depend on the concentrations of the reactants. 
Rates usually increase when the concentration of one or more of the 
reactants increases. For example, calcium carbonate (CaCO3) deteriorates 
as a result of its reaction with the pollutant sulfur dioxide. The rate of this 
reaction depends on the amount of sulfur dioxide in the air ({link]). An 
acidic oxide, sulfur dioxide combines with water vapor in the air to produce 
sulfurous acid in the following reaction: 

Equation: 


SO2(g) + H2O(g) —> H2SO3(aq) 


Calcium carbonate reacts with sulfurous acid as follows: 
Equation: 


CaCOs3(s) + H2SO3(aqg) —> CaSO3(aq) + CO2(g) + H20(1) 


In a polluted atmosphere where the concentration of sulfur dioxide is high, 
calcium carbonate deteriorates more rapidly than in less polluted air. 
Similarly, phosphorus burns much more rapidly in an atmosphere of pure 
oxygen than in air, which is only about 20% oxygen. 


Statues made from carbonate compounds such as limestone and 
marble typically weather slowly over time due to the actions of water, 
and thermal expansion and contraction. However, pollutants like sulfur 

dioxide can accelerate weathering. As the concentration of air 
pollutants increases, deterioration of limestone occurs more rapidly. 
(credit: James P Fisher IIT) 


Note: 


Ss ——3 
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Phosphorous burns rapidly in air, but it will burn even more rapidly if the 
concentration of oxygen is higher. Watch this video to see an example. 


The Presence of a Catalyst 


Hydrogen peroxide solutions foam when poured onto an open wound 
because substances in the exposed tissues act as catalysts, increasing the 
rate of hydrogen peroxide’s decomposition. However, in the absence of 
these catalysts (for example, in the bottle in the medicine cabinet) complete 
decomposition can take months. A catalyst is a substance that increases the 
rate of a chemical reaction by lowering the activation energy without itself 
being consumed by the reaction. Activation energy is the minimum amount 
of energy required for a chemical reaction to proceed in the forward 
direction. A catalyst increases the reaction rate by providing an alternative 
pathway or mechanism for the reaction to follow ({link]). Catalysis will be 
discussed in greater detail later in this chapter as it relates to mechanisms of 
reactions. 


Uncatalyzed 
reaction 
activation 
energy 


Products 


Energy 


Catalyzed 
reaction 
activation 
energy 


Reactants 


Reaction coordinate 


The presence of a catalyst increases the rate of a reaction by lowering 
its activation energy. 


Note: 


openstax 
——— 
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Chemical reactions occur when molecules collide with each other and 
undergo a chemical transformation. Before physically performing a 
reaction in a laboratory, scientists can use molecular modeling simulations 


to predict how the parameters discussed earlier will influence the rate of a 
reaction. Use the PhET Reactions & Rates interactive to explore how 
temperature, concentration, and the nature of the reactants affect reaction 
rates. 


Key Concepts and Summary 


The rate of a chemical reaction is affected by several parameters. Reactions 
involving two phases proceed more rapidly when there is greater surface 
area contact. If temperature or reactant concentration is increased, the rate 
of a given reaction generally increases as well. A catalyst can increase the 
rate of a reaction by providing an alternative pathway that causes the 
activation energy of the reaction to decrease. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Describe the effect of each of the following on the rate of the reaction 
of magnesium metal with a solution of hydrochloric acid: the molarity 
of the hydrochloric acid, the temperature of the solution, and the size 
of the pieces of magnesium. 


Solution: 


Higher molarity increases the rate of the reaction. Higher temperature 
increases the rate of the reaction. Smaller pieces of magnesium metal 
will react more rapidly than larger pieces because more reactive 
surface exists. 


Exercise: 


Problem: 


Explain why an egg cooks more slowly in boiling water in Denver 
than in New York City. (Hint: Consider the effect of temperature on 
reaction rate and the effect of pressure on boiling point.) 


Exercise: 


Problem: 


Go to the PhET Reactions & Rates interactive. Use the Single 
Collision tab to represent how the collision between monatomic 
oxygen (O) and carbon monoxide (CO) results in the breaking of one 
bond and the formation of another. Pull back on the red plunger to 
release the atom and observe the results. Then, click on “Reload 
Launcher” and change to “Angled shot” to see the difference. 


(a) What happens when the angle of the collision is changed? 


(b) Explain how this is relevant to rate of reaction. 


Solution: 


(a) Depending on the angle selected, the atom may take a long time to 
collide with the molecule and, when a collision does occur, it may not 
result in the breaking of the bond and the forming of the other. (b) 
Particles of reactant must come into contact with each other before 
they can react. 


Exercise: 


Problem: 


bd 


In the PhET Reactions & Rates interactive, use the “Many Collisions’ 
tab to observe how multiple atoms and molecules interact under 
varying conditions. Select a molecule to pump into the chamber. Set 
the initial temperature and select the current amounts of each reactant. 
Select “Show bonds” under Options. How is the rate of the reaction 
affected by concentration and temperature? 


Exercise: 


Problem: 


In the PhET Reactions & Rates interactive, on the Many Collisions 
tab, set up a simulation with 15 molecules of A and 10 molecules of 
BC. Select “Show Bonds” under Options. 


(a) Leave the Initial Temperature at the default setting. Observe the 
reaction. Is the rate of reaction fast or slow? 


(b) Click “Pause” and then “Reset All,” and then enter 15 molecules of 
A and 10 molecules of BC once again. Select “Show Bonds” under 
Options. This time, increase the initial temperature until, on the graph, 
the total average energy line is completely above the potential energy 
curve. Describe what happens to the reaction. 


Solution: 


(a) very slow; (b) As the temperature is increased, the reaction 
proceeds at a faster rate. The amount of reactants decreases, and the 
amount of products increases. After a while, there is a roughly equal 
amount of BC, AB, and C in the mixture and a slight excess of A. 


Glossary 
catalyst 


substance that increases the rate of a reaction without itself being 
consumed by the reaction 


Rate Laws 
By the end of this section, you will be able to: 


e Explain the form and function of a rate law 
e Use rate laws to calculate reaction rates 
e Use rate and concentration data to identify reaction orders and derive rate laws 


As described in the previous module, the rate of a reaction is affected by the concentrations of reactants. Rate laws 
or rate equations are mathematical expressions that describe the relationship between the rate of a chemical 
reaction and the concentration of its reactants. In general, a rate law (or differential rate law, as it is sometimes 
called) takes this form: 

Equation: 


rate = k[A]”[B]"|C]’.... 


in which [A], [B], and [C] represent the molar concentrations of reactants, and k is the rate constant, which is 
specific for a particular reaction at a particular temperature. The exponents m, n, and p are usually positive integers 
(although it is possible for them to be fractions or negative numbers). The rate constant k and the exponents m, n, 
and p must be determined experimentally by observing how the rate of a reaction changes as the concentrations of 
the reactants are changed. The rate constant k is independent of the concentration of A, B, or C, but it does vary 
with temperature and surface area. 


The exponents in a rate law describe the effects of the reactant concentrations on the reaction rate and define the 
reaction order. Consider a reaction for which the rate law is: 
Equation: 


rate = k[A]”[B]” 
If the exponent m is 1, the reaction is first order with respect to A. If m is 2, the reaction is second order with 
respect to A. If n is 1, the reaction is first order in B. If n is 2, the reaction is second order in B. If m or n is zero, the 
reaction is zero order in A or B, respectively, and the rate of the reaction is not affected by the concentration of that 


reactant. The overall reaction order is the sum of the orders with respect to each reactant. If m = 1 and n = 1, the 
overall order of the reaction is second order (m+n=1+1= 2). 


The rate law: 
Equation: 


rate=—k [H202] 
describes a reaction that is first order in hydrogen peroxide and first order overall. The rate law: 
Equation: 

rate = k[C4Hg]? 
describes a reaction that is second order in C4Hg and second order overall. The rate law: 
Equation: 


rate = k{H*] |OH | 


describes a reaction that is first order in H", first order in OH’, and second order overall. 


Example: 

Writing Rate Laws from Reaction Orders 

An experiment shows that the reaction of nitrogen dioxide with carbon monoxide: 
Equation: 


NO2(g) + CO(g) —+ NO(g) + CO2(g) 


is second order in NO and zero order in CO at 100 °C. What is the rate law for the reaction? 
Solution 

The reaction will have the form: 

Equation: 


rate = k[NO2|™(CO|” 


The reaction is second order in NO>; thus m = 2. The reaction is zero order in CO; thus n = 0. The rate law is: 
Equation: 


rate = k[NO»]2(CO]® = k[NO.]? 


Remember that a number raised to the zero power is equal to 1, thus [CO]° = 1, which is why we can simply drop 
the concentration of CO from the rate equation: the rate of reaction is solely dependent on the concentration of 
NO». When we consider rate mechanisms later in this chapter, we will explain how a reactant’s concentration can 
have no effect on a reaction despite being involved in the reaction. 

Check Your Learning 

The rate law for the reaction: 

Equation: 


H2(g) + 2NO(g) —> N2O(g) + H20(g) 


has been determined to be rate = k[NO]?[H)]. What are the orders with respect to each reactant, and what is the 
overall order of the reaction? 


Note: 
Answer: 
order in NO = 2; order in H> = 1; overall order = 3 


Check Your Learning 

In a transesterification reaction, a triglyceride reacts with an alcohol to form an ester and glycerol. Many students 
learn about the reaction between methanol (CH30H) and ethyl acetate (CH3CH»OCOCHS) as a sample reaction 
before studying the chemical reactions that produce biodiesel: 

Equation: 


CH30H + CH3;CH,OCOCH; —> CH;0COCH; + CH;CH,0H 


The rate law for the reaction between methanol and ethyl acetate is, under certain conditions, determined to be: 
Equation: 


rate = k|CH30H| 


What is the order of reaction with respect to methanol and ethyl acetate, and what is the overall order of reaction? 


Note: 


Answer: 
order in CH30H = 1; order in CH3CH»OCOCHs = 0; overall order = 1 


It is sometimes helpful to use a more explicit algebraic method, often referred to as the method of initial rates, to 
determine the orders in rate laws. To use this method, we select two sets of rate data that differ in the concentration 
of only one reactant and set up a ratio of the two rates and the two rate laws. After canceling terms that are equal, 


we are left with an equation that contains only one unknown, the coefficient of the concentration that varies. We 
then solve this equation for the coefficient. 


Example: 

Determining a Rate Law from Initial Rates 

Ozone in the upper atmosphere is depleted when it reacts with nitrogen oxides. The rates of the reactions of 
nitrogen oxides with ozone are important factors in deciding how significant these reactions are in the formation 


of the ozone hole over Antarctica ([link]). One such reaction is the combination of nitric oxide, NO, with ozone, 
O3: 


Total Ozone (Dobson units) 


Over the past several years, the atmospheric ozone concentration over Antarctica has decreased 
during the winter. This map shows the decreased concentration as a purple area. (credit: 
modification of work by NASA) 


Equation: 
NO(g) + O3(9) —+ NO2(g) + O2(g) 


This reaction has been studied in the laboratory, and the following rate data were determined at 25 °C. 


Trial [NO] (mol/L) [Os] (mol/L) SEL (aaelib~ s“) 


Trial [NO] (mol/L) [03] (mol/L) AO2 (mol L-1 81) 
1 1.00 x 10° 3.00 x 10°° 6.60 x 10°° 
2 1.00 x 10°° 6.00 x 10°® 192" 1 Ose 
3 1.00 x 10° 9.00 x 10-6 1.98 x 1074 
4 2.00 x 10°° 9,00 x 10°° 3.96 x 104 
5 3.00 x 10°° 9.00 x 10°° 5.94 x 1074 


Determine the rate law and the rate constant for the reaction at 25 °C. 
Solution 

The rate law will have the form: 

Equation: 


rate = k[NO]™([O3]” 


We can determine the values of m, n, and k from the experimental data using the following three-part process: 


Determine the value of m from the data in which [NO] varies and [O3] is constant. In the last three experiments, 
[NO] varies while [O03] remains constant. When [NO] doubles from trial 3 to 4, the rate doubles, and when [NO] 
triples from trial 3 to 5, the rate also triples. Thus, the rate is also directly proportional to [NO], and m in the rate 
law is equal to 1. 
Equation: 

Determine the value of n from data in which [O3] varies and [NO] is 
constant. In the first three experiments, [NO] is constant and [O3] varies. Therate = k[NO] “Gay = k[NO] [O3] 
reaction rate changes in direct proportion to the change in [O3]. When [O3] 
doubles from trial 1 to 2, the rate doubles; when [O3] triples from trial 1 to 3, 
the rate increases also triples. Thus, the rate is directly proportional to [O3], 
and n is equal to 1.The rate law is thus: 

Equation: 

The large value of k tells us that this is a 

fast reaction that could play an important 
ee ae role in ozone depletion if [NO] is large 


= (1.00 x 10-6 tot B+) (3.00 x 10~° mol L~?) enough. 
= 2.20 x 10’ Lmol7's7} 


Determine the value of k 
from one set of i = 
concentrations and the 
corresponding rate. 


rate 


[NO][03] 


Check Your Learning 
Acetaldehyde decomposes when heated to yield methane and carbon monoxide according to the equation: 
Equation: 


CH3CHO(g) —> CHa4(g) + CO(g) 


Determine the rate law and the rate constant for the reaction from the following experimental data: 


A[CH,CHO] 
= At ( 


Trial [CH3CHO] (mol/L) mol L's!) 


Trial [CH,CHO] (mol/L) So SE moll te) 
1 lds © 2.06 x 101 
2 a500< lay 8.24 x 1071 
3 7.00 x 1073 3.30 x 10710 
Note: 
Answer: 


rate = k[CH3CHO)’ with k = 6.73 x 10~° L/mol/s 


Example: 

Determining Rate Laws from Initial Rates 

Using the initial rates method and the experimental data, determine the rate law and the value of the rate constant 
for this reaction: 


Equation: 
2NO(g) + Clo(g) —> 2NOCI(g) 
A[NO alee 
Trial [NO] (mol/L) [Cl] (mol/L) = SEE nollie) 
1 0.10 0.10 0.00300 
D 0.10 0.15 0.00450 
3 0.15 0.10 0.00675 
Solution 
The rate law for this reaction will have the form: 
Equation: 


rate = k[NO]”[Cl2]” 


As in [link], we can approach this problem in a stepwise fashion, determining the values of m and n from the 
experimental data and then using these values to determine the value of k. In this example, however, we will use a 
different approach to determine the values of m and n: 


Equation: Equation: Equation: 
Determine Using After 
the value the rate3 0.00675 k(0.15)™(0.10)” canceling 


of m from 7 é third rate1 0.00300 k(0.10)(0.10)” equivalent 


the data rate, _ k[NO]?*[Cl]? trial terms inthe 0.00675 


in which rate, a k[NO]™[Cls]” and numerator 9.90300 _ 
[NO] Y ¥ the and 

varies and first denominator, 
[Cl] is trial, we are left 
constant. in with: 

We can which 

write the [Cl>] 

ratios does 

with the not 

subscripts vary, 

x and y to gives: 

indicate 

data from 

two 

different 

trials: 

Equation: Equation: Equation: 
Determine Cancelation which Thu 
the value rate2 0.00450 _—-k(0.10)"(0.15)” gives: 0.0045 (0.15)” simplifies1.5 = (1.5)"n 
ofn from yate1 0.00300 ~—-&(0.10)™(0.10)” 0.0030 —_(0.10)” *: mus 
data in be 1 
which and 
[Cl] the 
varies and forn 
[NO] is of 
constant. the 

rate 

law 

is: 
Equation: 


Determine the numerical value of To determine 

the rate constant k with appropriatethe value of kg.90300 molL~!s-! = k(0.10 mol L>*) : (0.10 mol Ee) : 

units. The units for the rate ofa once the rate ee es 

reaction are mol/L/s. The units for klaw k = 3.0mol"L"s 

are whatever is needed so that expression 

substituting into the rate law has been 

expression affords the appropriate solved, 

units for the rate. In this example, simply plug 

the concentration units are mol?/L*. in values 

The units for k should be mol”? from the first 

L?/s so that the rate is in terms of experimental 

mol/L/s. trial and 
solve for k: 


Check Your Learning 
Use the provided initial rate data to derive the rate law for the reaction whose equation is: 
Equation: 


OCI (aq) +I (aq) —> OT (aq) + Cl (aq) 


Trial [OCI] (mol/L) [I] (mol/L) Initial Rate (mol/L/s) 


il 0.0040 0.0020 0.00184 
2 0.0020 0.0040 0.00092 
3 0.0020 0.0020 0.00046 


Determine the rate law expression and the value of the rate constant k with appropriate units for this reaction. 


Note: 
Answer: 
rate2 _ 0.00092 __ (0.0020)"(0.0040)¥ 
rate3 0.00046 ~~ —_&(0.0020)*(0.0020)¥ 
2.00 = 2.00” 
geal 
ratel _ 0.00184 _ (0.0040)*(0.0020)¥ 
rate2 ~ 0.00092 ~  &(0.0020)*(0.0040)¥ 
oe 
200 = = 
og = 
Geo a 


Substituting the concentration data from trial 1 and solving for k yields: 
rate = k[OCI | ; [I] ; 
0.00184 = k(0.0040)7(0.0020)* 
heb tot 0 mole lee. 


Reaction Order and Rate Constant Units 


In some of our examples, the reaction orders in the rate law happen to be the same as the coefficients in the 
chemical equation for the reaction. This is merely a coincidence and very often not the case. 


Rate laws may exhibit fractional orders for some reactants, and negative reaction orders are sometimes observed 
when an increase in the concentration of one reactant causes a decrease in reaction rate. A few examples 
illustrating these points are provided: 


Equation: 
NO, + CO —> NO+CO, rate = k[NO,] 
CH;CHO —> CH,+CO rate = k{CH;CHO|? 
2N205 —_ 2NO>, + O2 rate=k [N205]| 
2NO,+ F. — 2NO2F rate = k [NO] [Fo] 
2NO,Cl —> 2NO,) + Clo rate = k[NO2Cl| 


It is important to note that rate laws are determined by experiment only and are not reliably predicted by reaction 
stoichiometry. 


Reaction orders also play a role in determining the units for the rate constant k. In [link], a second-order reaction, 
we found the units for k to be L mol 4 e*. whereas in [link], a third order reaction, we found the units for k to be 
mol * L’/s. More generally speaking, the units for the rate constant for a reaction of order (m+n) are 


mol!~(™+") [,(™+)-1 5-1. ink] summarizes the rate constant units for common reaction orders. 


Rate Constants for Common Reaction Orders 


Reaction Order Units of k 

(m+n) imal 0) Tet gt 
ZeTO mol/L/s 

first st 

second L/mol/s 

third mol? L?s! 


Note that the units in the table can also be expressed in terms of molarity (M) instead of mol/L. Also, units of time 
other than the second (such as minutes, hours, days) may be used, depending on the situation. 


Key Concepts and Summary 


Rate laws provide a mathematical description of how changes in the concentration of a substance affect the rate of 
a chemical reaction. Rate laws are determined experimentally and cannot be predicted by reaction stoichiometry. 
The order of reaction describes how much a change in the concentration of each substance affects the overall rate, 
and the overall order of a reaction is the sum of the orders for each substance present in the reaction. Reaction 
orders are typically first order, second order, or zero order, but fractional and even negative orders are possible. 


Chemistry End of Chapter Exercises 
Exercise: 
Problem: How do the rate of a reaction and its rate constant differ? 


Exercise: 


Problem: 


Doubling the concentration of a reactant increases the rate of a reaction four times. With this knowledge, 
answer the following questions: 


(a) What is the order of the reaction with respect to that reactant? 


(b) Tripling the concentration of a different reactant increases the rate of a reaction three times. What is the 
order of the reaction with respect to that reactant? 


Solution: 


(a) 2; (b) 1 


Exercise: 
Problem: 


Tripling the concentration of a reactant increases the rate of a reaction nine times. With this knowledge, 
answer the following questions: 


(a) What is the order of the reaction with respect to that reactant? 
(b) Increasing the concentration of a reactant by a factor of four increases the rate of a reaction four times. 
What is the order of the reaction with respect to that reactant? 
Exercise: 
Problem: 


How much and in what direction will each of the following affect the rate of the reaction: 
CO(g) +NOo(g) —> CO2(g) + NO(g) if the rate law for the reaction is rate = k[NO2]?? 


(a) Decreasing the pressure of NO from 0.50 atm to 0.250 atm. 
(b) Increasing the concentration of CO from 0.01 M to 0.03 M. 
Solution: 
(a) The process reduces the rate by a factor of 4. (b) Since CO does not appear in the rate law, the rate is not 
affected. 
Exercise: 
Problem: 


How will each of the following affect the rate of the reaction: CO(g) + NO2(g) —+ CO2(g) + NO(g) if 
the rate law for the reaction is rate = k [NO3| [CO]? 


(a) Increasing the pressure of NO» from 0.1 atm to 0.3 atm 


(b) Increasing the concentration of CO from 0.02 M to 0.06 M. 
Exercise: 


Problem: 


Regular flights of supersonic aircraft in the stratosphere are of concern because such aircraft produce nitric 
oxide, NO, as a byproduct in the exhaust of their engines. Nitric oxide reacts with ozone, and it has been 
suggested that this could contribute to depletion of the ozone layer. The reaction NO + O3 —> NO» +O» 
is first order with respect to both NO and O3 with a rate constant of 2.20 x 10” L/mol/s. What is the 
instantaneous rate of disappearance of NO when [NO] = 3.3 x 10° M and [O03] =5.9 x 10°? M? 


Solution: 


4.3 x 10° mol/L/s 
Exercise: 


Problem: 


Radioactive phosphorus is used in the study of biochemical reaction mechanisms because phosphorus atoms 
are components of many biochemical molecules. The location of the phosphorus (and the location of the 
molecule it is bound in) can be detected from the electrons (beta particles) it produces: 

3227p —> 2S +e7 

Rate = 4.85 x 10°? day" * [#P] 


What is the instantaneous rate of production of electrons in a sample with a phosphorus concentration of 
0.0033 M? 


Exercise: 
Problem: 
The rate constant for the radioactive decay of 4C is 1.21 x 107+ year™!. The products of the decay are 
nitrogen atoms and electrons (beta particles): 
ec — 14N +e7 
rate =k Fae 


What is the instantaneous rate of production of N atoms in a sample with a carbon-14 content of 6.5 x 10° 
M? 


Solution: 


7.9 x 10° mol/L/year 
Exercise: 


Problem: 


The decomposition of acetaldehyde is a second order reaction with a rate constant of 4.71 x 10° L/mol/s. 
What is the instantaneous rate of decomposition of acetaldehyde in a solution with a concentration of 5.55 x 
104M? 


Exercise: 


Problem: 
Alcohol is removed from the bloodstream by a series of metabolic reactions. The first reaction produces 
acetaldehyde; then other products are formed. The following data have been determined for the rate at which 


alcohol is removed from the blood of an average male, although individual rates can vary by 25-30%. 
Women metabolize alcohol a little more slowly than men: 


[C»H5OH] (M) 44x 107 33% 10-7 2.2: 10 


Rate (mol/L/h) 2.0 x 107 2.0 x 107 2iOisc102* 


Determine the rate equation, the rate constant, and the overall order for this reaction. 
Solution: 


rate = k; k= 2.0 x 10°* mol/L/h (about 0.9 g/L/h for the average male); The reaction is zero order. 
Exercise: 


Problem: 


Under certain conditions the decomposition of ammonia on a metal surface gives the following data: 


[NH3] (M) 1.0 x 10° 2.0 x 10°3 3.0 x 10°3 


Rate (mol/L/h’) 1.5 x 10° 1.5 x 10° 1.5 x 10° 


Determine the rate equation, the rate constant, and the overall order for this reaction. 


Exercise: 


Nitrosyl chloride, NOCI, decomposes to NO and Cl. 
Problem: 2NOCI(g) —+ 2NO(g) + Clo(g) 


Determine the rate equation, the rate constant, and the overall order for this reaction from the following data: 


[NOCI] (M) 0.10 0.20 0.30 
Rate (mol/L/h) 8.0 x 10°10 82° 10° 72. Ae 
Solution: 


rate = k[NOCI]?; k = 8.0 x 1078 L/mol/h; second order 
Exercise: 


Problem: 


From the following data, determine the rate equation, the rate constant, and the order with respect to A for the 
reaction A —> 2C. 


[A] (M) 1.33 x 1072 2.66 x 10°2 3.99 x 10-2 
Rate (mol/L/h) 3.80 x 10-7 1.52 x 1076 3.42 x 10° 
Exercise: 


Nitrogen monoxide reacts with chlorine according to the equation: 
Problem: 2NO(g) + Clo(g) —> 2NOCI(g) 


The following initial rates of reaction have been observed for certain reactant concentrations: 


[NO] (mol/L?) [Cl,] (mol/L) Rate (mol/L/h) 


0.50 0.50 1.14 
1.00 0.50 4.56 
1.00 1.00 9.12 


What is the rate equation that describes the rate’s dependence on the concentrations of NO and Cly? What is 
the rate constant? What are the orders with respect to each reactant? 


Solution: 


rate = k[NO]?[Cl)]; k = 9.1 L? mol? h!; second order in NO; first order in Cl, 
Exercise: 


Problem: 


Hydrogen reacts with nitrogen monoxide to form dinitrogen monoxide (laughing gas) according to the 
equation: H2(g) + 2NO(g) —> N2O(g) + H20(g) 


Determine the rate equation, the rate constant, and the orders with respect to each reactant from the following 
data: 


[NO] (M) 0.30 0.60 0.60 

[H>] (M) 0.35 0.35 0.70 

Rate (mol/L/s) 2.835 x 1073 1434 x 1007 2.268 x 10°? 
Exercise: 


Problem: For the reaction A —> B+ C, the following data were obtained at 30 °C: 


[A] (M) 0.230 0.356 0.557 


Rate (mol/L/s) 4.17 x 104 9,99 x 10-4 2.44 x 103 


(a) What is the order of the reaction with respect to [A], and what is the rate equation? 


(b) What is the rate constant? 


Solution: 


(a) The rate equation is second order in A and is written as rate = k[A]*. (b) k= 7.88 x 10°L mols! 


Exercise: 


Problem: For the reaction Q —> W + X, the following data were obtained at 30 °C: 


[Qlinitiat (MZ) 0.170 0.212 0.357 


Rate (mol/L/s) 6.68 x 1073 1.04 x 10°? 2.94 x 107 


(a) What is the order of the reaction with respect to [Q], and what is the rate equation? 


(b) What is the rate constant? 
Exercise: 


Problem: 


The rate constant for the first-order decomposition at 45 °C of dinitrogen pentoxide, N»Os, dissolved in 
chloroform, CHCl, is 6.2 x 10-4 min“!. 
2N.0; —> 4NO2 +O» 


What is the rate of the reaction when [NOs] = 0.40 M? 


Solution: 


(a) 2.5 x 10-4 mol/L/min 
Exercise: 
Problem: 


The annual production of HNO3 in 2013 was 60 million metric tons Most of that was prepared by the 
following sequence of reactions, each run in a separate reaction vessel. 


(a) 4NH3(g) + 502(g) —> 4NO(g) + 6H20(g) 
(b) 2NO(g) + O2(g) —+ 2NO2(g) 
(c) 3NO2(g) + H,O(1) —> 2HNO3(aq) + NO(g) 


The first reaction is run by burning ammonia in air over a platinum catalyst. This reaction is fast. The reaction 
in equation (c) is also fast. The second reaction limits the rate at which nitric acid can be prepared from 
ammonia. If equation (b) is second order in NO and first order in O2, what is the rate of formation of NO2 
when the oxygen concentration is 0.50 M and the nitric oxide concentration is 0.75 M? The rate constant for 
the reaction is 5.8 x 10° L*/mol?’/s. 


Exercise: 


The following data have been determined for the reaction: 
Problem: [+ OCl” —> IO + Cl” 


I~ Jinitiar (MD) 0.10 0.20 0.30 
[OCT J initian (M) 0.050 0.050 0.010 
Rate (mol/L/s) 3.05 x 104 6.20 x 104 1.83 x 104 


Determine the rate equation and the rate constant for this reaction. 


Solution: 


rate = k{I-][OCI-]; k=6.1 x 10°2L mol“! s"4 


Glossary 


method of initial rates 
use of a more explicit algebraic method to determine the orders in a rate law 


overall reaction order 
sum of the reaction orders for each substance represented in the rate law 


rate constant (k) 
proportionality constant in the relationship between reaction rate and concentrations of reactants 


rate law 
(also, rate equation) mathematical equation showing the dependence of reaction rate on the rate constant and 
the concentration of one or more reactants 


reaction order 
value of an exponent in a rate law, expressed as an ordinal number (for example, zero order for 0, first order 
for 1, second order for 2, and so on) 


Catalysis 
By the end of this section, you will be able to: 


e Explain the function of a catalyst in terms of reaction mechanisms and 
potential energy diagrams 
e List examples of catalysis in natural and industrial processes 


We have seen that the rate of many reactions can be accelerated by 
catalysts. A catalyst speeds up the rate of a reaction by lowering the 
activation energy; in addition, the catalyst is regenerated in the process. 
Several reactions that are energetically favorable in the absence of a catalyst 
only occur at a reasonable rate when a catalyst is present. One example is 
hydrogenation, a process used in food industries to convert unsaturated fats 
to saturated fats. A comparison of the reaction coordinate diagrams (also 
known as energy diagrams) for catalyzed and uncatalyzed hydrogenation of 
a simple hydrocarbon molecule is shown in [link]. 


Transition state 


Activation energy 
of uncatalyzed reaction 


Activation energy 
of catalyzed reaction 


Energy 


AH <0 
exothermic 


H3C—CH3 


Extent of Reaction 


This graph compares the reaction coordinates for catalyzed and 
uncatalyzed alkene hydrogenation. 


Catalysts function by providing an alternate reaction mechanism that has a 
lower activation energy than would be found in the absence of the catalyst. 
In some cases, the catalyzed mechanism may include additional steps, as 
depicted in the reaction diagrams shown in [link]. This lower activation 
energy results in an increase in rate as described by the Arrhenius equation. 
Note that a catalyst decreases the activation energy for both the forward and 


the reverse reactions and hence accelerates both the forward and the 
reverse reactions. Consequently, the presence of a catalyst will permit a 
system to reach equilibrium more quickly, but it has no effect on the 
position of the equilibrium as reflected in the value of its equilibrium 
constant (see the later chapter on chemical equilibrium). 


Uncatalyzed pathway 


Catalyzed pathway 


Energy 


Products 


Reactants 


Extent of reaction ———————~ 


This potential energy diagram shows the effect of a catalyst on the 
activation energy. The catalyst provides a different reaction path with a 
lower activation energy. As shown, the catalyzed pathway involves a 
two-step mechanism (note the presence of two transition states) and an 
intermediate species (represented by the valley between the two 
transitions states). 


Example: 

Using Reaction Diagrams to Compare Catalyzed Reactions 

The two reaction diagrams here represent the same reaction: one without a 
catalyst and one with a catalyst. Identify which diagram suggests the 
presence of a catalyst, and determine the activation energy for the 
catalyzed reaction: 
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Solution 


A catalyst does not affect the energy of reactant or product, so those 
aspects of the diagrams can be ignored; they are, as we would expect, 
identical in that respect. There is, however, a noticeable difference in the 
transition state, which is distinctly lower in diagram (b) than it is in (a). 
This indicates the use of a catalyst in diagram (b). The activation energy is 
the difference between the energy of the starting reagents and the transition 
state—a maximum on the reaction coordinate diagram. The reagents are at 
6 kJ and the transition state is at 20 kJ, so the activation energy can be 
calculated as follows: 

Equation: 


E, = 20kJ —6kJ = 14kJ 


Check Your Learning 

Determine which of the two diagrams here (both for the same reaction) 
involves a catalyst, and identify the activation energy for the catalyzed 
reaction: 
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Note: 
Answer: 


Diagram (b) is a catalyzed reaction with an activation energy of about 70 
kJ. 


Homogeneous Catalysts 


A homogeneous catalyst is present in the same phase as the reactants. It 
interacts with a reactant to form an intermediate substance, which then 
decomposes or reacts with another reactant in one or more steps to 
regenerate the original catalyst and form product. 


As an important illustration of homogeneous catalysis, consider the earth’s 
ozone layer. Ozone in the upper atmosphere, which protects the earth from 
ultraviolet radiation, is formed when oxygen molecules absorb ultraviolet 
light and undergo the reaction: 

Equation: 


302(g) . 203(g) 


Ozone is a relatively unstable molecule that decomposes to yield diatomic 
oxygen by the reverse of this equation. This decomposition reaction is 
consistent with the following mechanism: 

Equation: 


O3 — Oo4+ 0 
O+ Oz <> 202 


The presence of nitric oxide, NO, influences the rate of decomposition of 
ozone. Nitric oxide acts as a catalyst in the following mechanism: 
Equation: 


ae + O3(g) —+* NO2(g) + O2(g) 
O3(g) —> O2(g) + O(g) 
NO,(g) + O(g) —> NO(g ) + Oo(g) 


The overall chemical change for the catalyzed mechanism is the same as: 
Equation: 


203(9) —> 302(g) 


The nitric oxide reacts and is regenerated in these reactions. It is not 
permanently used up; thus, it acts as a catalyst. The rate of decomposition 
of ozone is greater in the presence of nitric oxide because of the catalytic 
activity of NO. Certain compounds that contain chlorine also catalyze the 
decomposition of ozone. 


Note: 

Mario J. Molina 

The 1995 Nobel Prize in Chemistry was shared by Paul J. Crutzen, Mario 
J. Molina ({link]), and F. Sherwood Rowland “for their work in 
atmospheric chemistry, particularly concerning the formation and 


decomposition of ozone.” [footnote] Molina, a Mexican citizen, carried out 
the majority of his work at the Massachusetts Institute of Technology 
(MIT). 

“The Nobel Prize in Chemistry 1995,” Nobel Prize.org, accessed February 
18, 2015, 
http://www.nobelprize.org/nobel_prizes/chemistry/laureates/1995/. 


, © 


(a) Mexican chemist Mario Molina (1943 —) shared the Nobel Prize in 
Chemistry in 1995 for his research on (b) the Antarctic ozone hole. 
(credit a: courtesy of Mario Molina; credit b: modification of work by 
NASA) 


(a) 


In 1974, Molina and Rowland published a paper in the journal Nature (one 
of the major peer-reviewed publications in the field of science) detailing 
the threat of chlorofluorocarbon gases to the stability of the ozone layer in 
earth’s upper atmosphere. The ozone layer protects earth from solar 
radiation by absorbing ultraviolet light. As chemical reactions deplete the 
amount of ozone in the upper atmosphere, a measurable “hole” forms 
above Antarctica, and an increase in the amount of solar ultraviolet 
radiation— strongly linked to the prevalence of skin cancers—reaches 
earth’s surface. The work of Molina and Rowland was instrumental in the 
adoption of the Montreal Protocol, an international treaty signed in 1987 
that successfully began phasing out production of chemicals linked to 
ozone destruction. 


Molina and Rowland demonstrated that chlorine atoms from human-made 
chemicals can catalyze ozone destruction in a process similar to that by 
which NO accelerates the depletion of ozone. Chlorine atoms are generated 
when chlorocarbons or chlorofluorocarbons—once widely used as 
refrigerants and propellants—are photochemically decomposed by 
ultraviolet light or react with hydroxyl radicals. A sample mechanism is 
shown here using methyl chloride: 

Equation: 


CH3Cl + OH —> Cl-+ other products 


Chlorine radicals break down ozone and are regenerated by the following 
catalytic cycle: 
Equation: 


Cl+ O03 — ClO+ Og 
ClO+0 —> C14 Op, 
overall Reaction: O03; + O —> 20, 


A single monatomic chlorine can break down thousands of ozone 
molecules. Luckily, the majority of atmospheric chlorine exists as the 
catalytically inactive forms Cl) and CIONO>. 

Since receiving his portion of the Nobel Prize, Molina has continued his 
work in atmospheric chemistry at MIT. 


Note: 

Glucose-6-Phosphate Dehydrogenase Deficiency 

Enzymes in the human body act as catalysts for important chemical 
reactions in cellular metabolism. As such, a deficiency of a particular 
enzyme can translate to a life-threatening disease. G6PD (glucose-6- 
phosphate dehydrogenase) deficiency, a genetic condition that results in a 
shortage of the enzyme glucose-6-phosphate dehydrogenase, is the most 
common enzyme deficiency in humans. This enzyme, shown in [link], is 
the rate-limiting enzyme for the metabolic pathway that supplies NADPH 
to cells ({link]). 


Glucose-6-phosphate dehydrogenase 
is a rate-limiting enzyme for the 
metabolic pathway that supplies 

NADPH to cells. 


A disruption in this pathway can lead to reduced glutathione in red blood 
cells; once all glutathione is consumed, enzymes and other proteins such as 
hemoglobin are susceptible to damage. For example, hemoglobin can be 
metabolized to bilirubin, which leads to jaundice, a condition that can 
become severe. People who suffer from G6PD deficiency must avoid 
certain foods and medicines containing chemicals that can trigger damage 


their glutathione-deficient red blood cells. 
Hexokinase G6PD 


Glucose is Glucose 6 phosphate an 6 phosphogluconate 


Glutathione 
reductase 


In the mechanism for the pentose phosphate pathway, G6PD catalyzes 


the reaction that regulates NADPH, a co-enzyme that regulates 
glutathione, an antioxidant that protects red blood cells and other cells 
from oxidative damage. 


Heterogeneous Catalysts 


A heterogeneous catalyst is a catalyst that is present in a different phase 
(usually a solid) than the reactants. Such catalysts generally function by 
furnishing an active surface upon which a reaction can occur. Gas and 
liquid phase reactions catalyzed by heterogeneous catalysts occur on the 
surface of the catalyst rather than within the gas or liquid phase. 


Heterogeneous catalysis has at least four steps: 


1. Adsorption of the reactant onto the surface of the catalyst 

2. Activation of the adsorbed reactant 

3. Reaction of the adsorbed reactant 

4. Diffusion of the product from the surface into the gas or liquid phase 
(desorption). 


Any one of these steps may be slow and thus may serve as the rate 
determining step. In general, however, in the presence of the catalyst, the 
overall rate of the reaction is faster than it would be if the reactants were in 
the gas or liquid phase. 


[link] illustrates the steps that chemists believe to occur in the reaction of 
compounds containing a carbon—carbon double bond with hydrogen on a 
nickel catalyst. Nickel is the catalyst used in the hydrogenation of 
polyunsaturated fats and oils (which contain several carbon—carbon double 
bonds) to produce saturated fats and oils (which contain only carbon— 
carbon single bonds). 


Ethylene 
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Hydrogen 
Ni surface 
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surface breaking z bonds 


(a) (b) (c) (d) 


There are four steps in the catalysis of the reaction 
CoH, + Hz —> CoH, by nickel. (a) Hydrogen is adsorbed on the 
surface, breaking the H—-H bonds and forming Ni—H bonds. (b) 
Ethylene is adsorbed on the surface, breaking the m-bond and forming 
Ni-—C bonds. (c) Atoms diffuse across the surface and form new C—H 
bonds when they collide. (d) C>Hg molecules escape from the nickel 
surface, since they are not strongly attracted to nickel. 


Other significant industrial processes that involve the use of heterogeneous 
catalysts include the preparation of sulfuric acid, the preparation of 
ammonia, the oxidation of ammonia to nitric acid, and the synthesis of 
methanol, CH30OH. Heterogeneous catalysts are also used in the catalytic 
converters found on most gasoline-powered automobiles ([link]). 


Note: 

Automobile Catalytic Converters 

Scientists developed catalytic converters to reduce the amount of toxic 
emissions produced by burning gasoline in internal combustion engines. 
Catalytic converters take advantage of all five factors that affect the speed 


of chemical reactions to ensure that exhaust emissions are as safe as 
possible. 


By utilizing a carefully selected blend of catalytically active metals, it is 
possible to effect complete combustion of all carbon-containing 
compounds to carbon dioxide while also reducing the output of nitrogen 
oxides. This is particularly impressive when we consider that one step 
involves adding more oxygen to the molecule and the other involves 
removing the oxygen ([link]). 
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Three-way reduction 
catalyst 
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A catalytic converter allows for the combustion of all carbon- 
containing compounds to carbon dioxide, while at the same time 
reducing the output of nitrogen oxide and other pollutants in 
emissions from gasoline-burning engines. 


Most modern, three-way catalytic converters possess a surface 
impregnated with a platinum-rhodium catalyst, which catalyzes the 
conversion of nitric oxide into dinitrogen and oxygen as well as the 
conversion of carbon monoxide and hydrocarbons such as octane into 
carbon dioxide and water vapor: 

Equation: 


2NO2(g) —> Na(g) + 202(g) 
2CO(g) + O2x(g) —+ 2CO2(q) 
2CsHis(g) + 2502(g) —> 16CO2(g) + 18H2O(g) 


In order to be as efficient as possible, most catalytic converters are 
preheated by an electric heater. This ensures that the metals in the catalyst 
are fully active even before the automobile exhaust is hot enough to 
Maintain appropriate reaction temperatures. 


Note: 
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The University of California at Davis’ “ChemWiki” provides a thorough 
explanation of how catalytic converters work. 


Note: 

Enzyme Structure and Function 

The study of enzymes is an important interconnection between biology and 
chemistry. Enzymes are usually proteins (polypeptides) that help to control 
the rate of chemical reactions between biologically important compounds, 
particularly those that are involved in cellular metabolism. Different 
classes of enzymes perform a variety of functions, as shown in [link]. 


Classes of Enzymes and Their Functions 


Class Function 

oxidoreductases redox reactions 

transferases transfer of functional groups 
hydrolases hydrolysis reactions 

lyases group elimination to form double bonds 
isomerases isomerization 

ligases bond formation with ATP hydrolysis 


Enzyme molecules possess an active site, a part of the molecule with a 
shape that allows it to bond to a specific substrate (a reactant molecule), 
forming an enzyme-substrate complex as a reaction intermediate. There are 
two models that attempt to explain how this active site works. The most 
simplistic model is referred to as the lock-and-key hypothesis, which 
suggests that the molecular shapes of the active site and substrate are 
complementary, fitting together like a key in a lock. The induced fit 
hypothesis, on the other hand, suggests that the enzyme molecule is 
flexible and changes shape to accommodate a bond with the substrate. This 
is not to suggest that an enzyme’s active site is completely malleable, 
however. Both the lock-and-key model and the induced fit model account 
for the fact that enzymes can only bind with specific substrates, since in 
general a particular enzyme only catalyzes a particular reaction ({link]). 


Substrates Substrates 


Active Substrate Active Substrate 
site is complex site complex 
proper formed changes formed 


Nia \ a 


Enzyme Enzyme Enzyme Enzyme 


(a) Lock-and-key model (b) Induced fit model 


(a) According to the lock-and-key model, the shape of an enzyme’s 
active site is a perfect fit for the substrate. (b) According to the 
induced fit model, the active site is somewhat flexible, and can 

change shape in order to bond with the substrate. 


Note: 
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The Royal Society of Chemistry provides an excellent introduction to 
enzymes for students and teachers. 


Key Concepts and Summary 


Catalysts affect the rate of a chemical reaction by altering its mechanism to 
provide a lower activation energy. Catalysts can be homogenous (in the 
same phase as the reactants) or heterogeneous (a different phase than the 
reactants). 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 
Account for the increase in reaction rate brought about by a catalyst. 
Solution: 


The general mode of action for a catalyst is to provide a mechanism by 
which the reactants can unite more readily by taking a path with a 
lower reaction energy. The rates of both the forward and the reverse 
reactions are increased, leading to a faster achievement of equilibrium. 


Exercise: 


Problem: 


Compare the functions of homogeneous and heterogeneous catalysts. 
Exercise: 


Problem: 


Consider this scenario and answer the following questions: Chlorine 
atoms resulting from decomposition of chlorofluoromethanes, such as 
CCI,F>, catalyze the decomposition of ozone in the atmosphere. One 
simplified mechanism for the decomposition is: 

sunlight 
O3 O2,+0 
O3+ Cl — O2+ ClO 
ClO +O — Cl+ Oz 


(a) Explain why chlorine atoms are catalysts in the gas-phase 
transformation: 
203 —> 302 


(b) Nitric oxide is also involved in the decomposition of ozone by the 
mechanism: 


sunlight 


O3 O,+0 
O3+NO —> NO»,+ Oo 
NO,+ 0 — NO+ Op» 


Is NO a catalyst for the decomposition? Explain your answer. 
Solution: 


(a) Chlorine atoms are a catalyst because they react in the second step 
but are regenerated in the third step. Thus, they are not used up, which 
is a characteristic of catalysts. (b) NO is a catalyst for the same reason 
as in part (a). 


Exercise: 
Problem: 


For each of the following pairs of reaction diagrams, identify which of 
the pair is catalyzed: 


(a) 
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Exercise: 
Problem: 


For each of the following pairs of reaction diagrams, identify which of 
the pairs is catalyzed: 


(a) 
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Solution: 


The lowering of the transition state energy indicates the effect of a 
catalyst. (a) B; (b) B 


Exercise: 


Problem: 


For each of the following reaction diagrams, estimate the activation 
energy (E,) of the reaction: 


(a) 
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Exercise: 


Problem: 


For each of the following reaction diagrams, estimate the activation 
energy (E,) of the reaction: 


(a) 
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Solution: 


The energy needed to go from the initial state to the transition state is 
(a) 10 kJ; (b) 10 kJ 


Exercise: 


Problem: 


Based on the diagrams in [link], which of the reactions has the fastest 
rate? Which has the slowest rate? 


Exercise: 


Problem: 


Based on the diagrams in [link], which of the reactions has the fastest 
rate? Which has the slowest rate? 


Solution: 


Both have the same activation energy, so they also have the same rate. 


Glossary 


heterogeneous Catalyst 
catalyst present in a different phase from the reactants, furnishing a 
surface at which a reaction can occur 


homogeneous catalyst 
catalyst present in the same phase as the reactants 


Introduction 
class="introduction" 


e The Dissolution Process 
e Electrolytes 

e Solubility 

¢ Colligative Properties 

e Colloids 


Coral reefs, such as 
this one at the 
Palmyra Atoll 

National Wildlife 
Refuge, are vital to 
the ecosystem of 
earth’s oceans but 
are threatened by 
climate change and 
dissolved pollution. 

Marine life depends 

on the specific 
chemical 
composition of the 
complex mixture 
we know as 
seawater. (credit: 
modification of 
work by “USFWS 
— Pacific 

Region”/Wikimedi 

a Commons) 


Coral reefs are home to about 25% of all marine species. They are being 
threatened by climate change, oceanic acidification, and water pollution, all 
of which change the composition of the solution we know as seawater. 
Dissolved oxygen in seawater is critical for sea creatures, but as the oceans 
warm, oxygen becomes less soluble. As the concentration of carbon dioxide 
in the atmosphere increases, the concentration of carbon dioxide in the 
oceans increases, contributing to oceanic acidification. Coral reefs are 
particularly sensitive to the acidification of the ocean, since the 
exoskeletons of the coral polyps are soluble in acidic solutions. Humans 
contribute to the changing of seawater composition by allowing agricultural 
runoff and other forms of pollution to affect our oceans. 


Solutions are crucial to the processes that sustain life and to many other 
processes involving chemical reactions. In this chapter, we will consider the 
nature of solutions, and examine factors that determine whether a solution 
will form and what properties it may have. In addition, we will discuss 
colloids—systems that resemble solutions but consist of dispersions of 
particles somewhat larger than ordinary molecules or ions. 


The Dissolution Process 
By the end of this section, you will be able to: 


e Describe the basic properties of solutions and how they form 

e Predict whether a given mixture will yield a solution based on 
molecular properties of its components 

e Explain why some solutions either produce or absorb heat when they 
form 


An earlier chapter of this text introduced solutions, defined as homogeneous 
mixtures of two or more substances. Often, one component of a solution is 
present at a significantly greater concentration, in which case it is called the 
solvent. The other components of the solution present in relatively lesser 
concentrations are called solutes. Sugar is a covalent solid composed of 
sucrose molecules, C,H »»0,,;. When this compound dissolves in water, its 
molecules become uniformly distributed among the molecules of water: 
Equation: 


Cy2H92011(s) —> Ci2H22011(aq) 


The subscript “aq” in the equation signifies that the sucrose molecules are 
solutes and are therefore individually dispersed throughout the aqueous 
solution (water is the solvent). Although sucrose molecules are heavier than 
water molecules, they remain dispersed throughout the solution; gravity 
does not cause them to “settle out” over time. 


Potassium dichromate, K Cr Ov, is an ionic compound composed of 
colorless potassium ions, K*, and orange dichromate ions, Cr.072-. When 
a small amount of solid potassium dichromate is added to water, the 
compound dissolves and dissociates to yield potassium ions and dichromate 
ions uniformly distributed throughout the mixture ([link]), as indicated in 
this equation: 

Equation: 


K,Cr,07(s) —+ 2K*(aq) + Cr207* (aq) 


As with the mixture of sugar and water, this mixture is also an aqueous 
solution. Its solutes, potassium and dichromate ions, remain individually 
dispersed among the solvent (water) molecules. 


When potassium dichromate (KjCr O07) is mixed with water, it forms a 
homogeneous orange solution. (credit: modification of work by Mark 
Ott) 


Note: 
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Visit this virtual lab to view simulations of the dissolution of common 
covalent and ionic substances (sugar and salt) in water. 


Water is used so often as a solvent that the word solution has come to imply 
an aqueous solution to many people. However, almost any gas, liquid, or 
solid can act as a solvent. Many alloys are solid solutions of one metal 
dissolved in another; for example, US five-cent coins contain nickel 
dissolved in copper. Air is a gaseous solution, a homogeneous mixture of 
nitrogen, oxygen, and several other gases. Oxygen (a gas), alcohol (a 


liquid), and sugar (a solid) all dissolve in water (a liquid) to form liquid 
solutions. [link] gives examples of several different solutions and the phases 
of the solutes and solvents. 


Different Types of Solutions 


Solution Solute Solvent 


air O2(g) N2(g) 


soft drinks| footnote | 

If bubbles of gas are observed within the 
liquid, the mixture is not homogeneous 
and, thus, not a solution. 


CO2(g) H,O0(1) 


hydrogen in palladium H>(g) Pd(s) 
C3HgO(l) 
rubbing alcohol H,O(/) (2- 
propanol) 
saltwater NaCl(s) H,0(/) 
brass Zn(s) Cu(s) 


Solutions exhibit these defining traits: 


e They are homogeneous; that is, after a solution is mixed, it has the 
same composition at all points throughout (its composition is uniform). 

e The physical state of a solution—solid, liquid, or gas—is typically the 
same as that of the solvent, as demonstrated by the examples in [link]. 


e The components of a solution are dispersed on a molecular scale; that 
is, they consist of a mixture of separated molecules, atoms, and/or 
ions. 

e The dissolved solute in a solution will not settle out or separate from 
the solvent. 

e The composition of a solution, or the concentrations of its components, 
can be varied continuously, within limits. 


The Formation of Solutions 


The formation of a solution is an example of a spontaneous process, a 
process that occurs under specified conditions without the requirement of 
energy from some external source. Sometimes we stir a mixture to speed up 
the dissolution process, but this is not necessary; a homogeneous solution 
would form if we waited long enough. The topic of spontaneity is critically 
important to the study of chemical thermodynamics and is treated more 
thoroughly in a later chapter of this text. For purposes of this chapter’s 
discussion, it will suffice to consider two criteria that favor, but do not 
guarantee, the spontaneous formation of a solution: 


1. a decrease in the internal energy of the system (an exothermic change, 
as discussed in the previous chapter on thermochemistry) 

2. an increase in the disorder in the system (which indicates an increase 
in the entropy of the system, as you will learn about in the later chapter 
on thermodynamics) 


In the process of dissolution, an internal energy change often, but not 
always, occurs as heat is absorbed or evolved. An increase in disorder 
always results when a solution forms. 


When the strengths of the intermolecular forces of attraction between solute 
and solvent species in a solution are no different than those present in the 
separated components, the solution is formed with no accompanying energy 
change. Such a solution is called an ideal solution. A mixture of ideal gases 
(or gases such as helium and argon, which closely approach ideal behavior) 
is an example of an ideal solution, since the entities comprising these gases 
experience no significant intermolecular attractions. 


When containers of helium and argon are connected, the gases 
spontaneously mix due to diffusion and form a solution ({link]). The 
formation of this solution clearly involves an increase in disorder, since the 
helium and argon atoms occupy a volume twice as large as that which each 
occupied before mixing. 


Valve closed Valve open 


Samples of helium and argon spontaneously mix to give a solution in 
which the disorder of the atoms of the two gases is increased. 


Ideal solutions may also form when structurally similar liquids are mixed. 
For example, mixtures of the alcohols methanol (CH30H) and ethanol 
(C,H;5OH) form ideal solutions, as do mixtures of the hydrocarbons 
pentane, C5;H,5, and hexane, CgH,,4. Placing methanol and ethanol, or 
pentane and hexane, in the bulbs shown in [link] will result in the same 
diffusion and subsequent mixing of these liquids as is observed for the He 
and Ar gases (although at a much slower rate), yielding solutions with no 
significant change in energy. Unlike a mixture of gases, however, the 
components of these liquid-liquid solutions do, indeed, experience 
intermolecular attractive forces. But since the molecules of the two 
substances being mixed are structurally very similar, the intermolecular 
attractive forces between like and unlike molecules are essentially the same, 
and the dissolution process, therefore, does not entail any appreciable 
increase or decrease in energy. These examples illustrate how diffusion 
alone can provide the driving force required to cause the spontaneous 
formation of a solution. In some cases, however, the relative magnitudes of 


intermolecular forces of attraction between solute and solvent species may 
prevent dissolution. 


Three types of intermolecular attractive forces are relevant to the 
dissolution process: solute-solute, solvent-solvent, and solute-solvent. As 
illustrated in [link], the formation of a solution may be viewed as a stepwise 
process in which energy is consumed to overcome solute-solute and 
solvent-solvent attractions (endothermic processes) and released when 
solute-solvent attractions are established (an exothermic process referred to 
as solvation). The relative magnitudes of the energy changes associated 
with these stepwise processes determine whether the dissolution process 
overall will release or absorb energy. In some cases, solutions do not form 
because the energy required to separate solute and solvent species is so 
much greater than the energy released by solvation. 


Expanded solute Expanded solvent 


Direct 
formation 
of solution 


Step 3 


This schematic representation of dissolution shows a stepwise process 
involving the endothermic separation of solute and solvent species 


(Steps 1 and 2) and exothermic solvation (Step 3). 


For example, cooking oils and water will not mix to any appreciable extent 
to yield solutions ([link]). Hydrogen bonding is the dominant 
intermolecular attractive force present in liquid water; the nonpolar 
hydrocarbon molecules of cooking oils are not capable of hydrogen 
bonding, instead being held together by dispersion forces. Forming an oil- 
water solution would require overcoming the very strong hydrogen bonding 
in water, as well as the significantly strong dispersion forces between the 
relatively large oil molecules. And, since the polar water molecules and 
nonpolar oil molecules would not experience very strong intermolecular 
attraction, very little energy would be released by solvation. 


A mixture of nonpolar cooking oil and polar water does not yield a 
solution. (credit: Gautam Dogra) 


On the other hand, a mixture of ethanol and water will mix in any 
proportions to yield a solution. In this case, both substances are capable of 
hydrogen bonding, and so the solvation process is sufficiently exothermic to 
compensate for the endothermic separations of solute and solvent 
molecules. 


As noted at the beginning of this module, spontaneous solution formation is 
favored, but not guaranteed, by exothermic dissolution processes. While 


many soluble compounds do, indeed, dissolve with the release of heat, 
some dissolve endothermically. Ammonium nitrate (NH,NO3) is one such 
example and is used to make instant cold packs for treating injuries like the 
one pictured in [link]. A thin-walled plastic bag of water is sealed inside a 
larger bag with solid NH4,NO3. When the smaller bag is broken, a solution 
of NH,NO3 forms, absorbing heat from the surroundings (the injured area 
to which the pack is applied) and providing a cold compress that decreases 
swelling. Endothermic dissolutions such as this one require a greater energy 
input to separate the solute species than is recovered when the solutes are 
solvated, but they are spontaneous nonetheless due to the increase in 
disorder that accompanies formation of the solution. 
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An instant cold pack gets cold when certain salts, such as anmonium 


nitrate, dissolve in water—an endothermic process. 


Note: 
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Watch this brief video illustrating endothermic and exothermic dissolution 
processes. 


Key Concepts and Summary 


A solution forms when two or more substances combine physically to yield 
a mixture that is homogeneous at the molecular level. The solvent is the 
most concentrated component and determines the physical state of the 
solution. The solutes are the other components typically present at 
concentrations less than that of the solvent. Solutions may form 
endothermically or exothermically, depending upon the relative magnitudes 
of solute and solvent intermolecular attractive forces. Ideal solutions form 
with no appreciable change in energy. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 
How do solutions differ from compounds? From other mixtures? 
Solution: 


A solution can vary in composition, while a compound cannot vary in 
composition. Solutions are homogeneous at the molecular level, while 
other mixtures are heterogeneous. 


Exercise: 
Problem: 
Which of the principal characteristics of solutions can we see in the 
solutions of K»Cr,O7 shown in [link]? 
Exercise: 
Problem: 


When KNOs is dissolved in water, the resulting solution is 
significantly colder than the water was originally. 


(a) Is the dissolution of KNO3 an endothermic or an exothermic 
process? 


(b) What conclusions can you draw about the intermolecular 
attractions involved in the process? 


(c) Is the resulting solution an ideal solution? 
Solution: 


(a) The process is endothermic as the solution is consuming heat. (b) 
Attraction between the K* and NO3_ ions is stronger than between the 
ions and water molecules (the ion-ion interactions have a lower, more 
negative energy). Therefore, the dissolution process increases the 
energy of the molecular interactions, and it consumes the thermal 


energy of the solution to make up for the difference. (c) No, an ideal 
solution is formed with no appreciable heat release or consumption. 


Exercise: 
Problem: Give an example of each of the following types of solutions: 
(a) a gas in a liquid 
(b) a gas in a gas 


(c) a solid in a solid 
Exercise: 


Problem: 


Indicate the most important types of intermolecular attractions in each 
of the following solutions: 


(a) The solution in [link]. 

(b) NO() in CO(D 

(c) Clog) in Bro(/) 

(d) HCl(g) in benzene CgH,(1) 

(e) Methanol CH30H(I) in H»O(/) 
Solution: 


(a) ion-dipole forces; (b) dipole-dipole forces; (c) dispersion forces; (d) 
dispersion forces; (e) hydrogen bonding 


Exercise: 


Problem: 


Predict whether each of the following substances would be more 
soluble in water (polar solvent) or in a hydrocarbon such as heptane 
(C7H 6, nonpolar solvent): 


(a) vegetable oil (nonpolar) 
(b) isopropyl alcohol (polar) 


(c) potassium bromide (ionic) 
Exercise: 


Problem: 


Heat is released when some solutions form; heat is absorbed when 
other solutions form. Provide a molecular explanation for the 
difference between these two types of spontaneous processes. 


Solution: 


Heat is released when the total intermolecular forces (IMFs) between 
the solute and solvent molecules are stronger than the total IMFs in the 
pure solute and in the pure solvent: Breaking weaker IMFs and 
forming stronger IMFs releases heat. Heat is absorbed when the total 
IMFs in the solution are weaker than the total of those in the pure 
solute and in the pure solvent: Breaking stronger IMFs and forming 
weaker IMFs absorbs heat. 


Exercise: 


Problem: 


Solutions of hydrogen in palladium may be formed by exposing Pd 
metal to H> gas. The concentration of hydrogen in the palladium 
depends on the pressure of H> gas applied, but in a more complex 
fashion than can be described by Henry’s law. Under certain 
conditions, 0.94 g of hydrogen gas is dissolved in 215 g of palladium 
metal (solution density = 10.8 g cm?). 


(a) Determine the molarity of this solution. 
(b) Determine the molality of this solution. 


(c) Determine the percent by mass of hydrogen atoms in this solution. 


Glossary 


alloy 
solid mixture of a metallic element and one or more additional 
elements 


ideal solution 
solution that forms with no accompanying energy change 


solvation 
exothermic process in which intermolecular attractive forces between 
the solute and solvent in a solution are established 


spontaneous process 
physical or chemical change that occurs without the addition of energy 
from an external source 


Electrolytes 
By the end of this module, you will be able to: 


¢ Define and give examples of electrolytes 

e Distinguish between the physical and chemical changes that 
accompany dissolution of ionic and covalent electrolytes 

¢ Relate electrolyte strength to solute-solvent attractive forces 


When some substances are dissolved in water, they undergo either a 
physical or a chemical change that yields ions in solution. These substances 
constitute an important class of compounds called electrolytes. Substances 
that do not yield ions when dissolved are called nonelectrolytes. If the 
physical or chemical process that generates the ions is essentially 100% 
efficient (all of the dissolved compound yields ions), then the substance is 
known as a strong electrolyte. If only a relatively small fraction of the 
dissolved substance undergoes the ion-producing process, it is called a 
weak electrolyte. 


Substances may be identified as strong, weak, or nonelectrolytes by 
measuring the electrical conductance of an aqueous solution containing the 
substance. To conduct electricity, a substance must contain freely mobile, 
charged species. Most familiar is the conduction of electricity through 
metallic wires, in which case the mobile, charged entities are electrons. 
Solutions may also conduct electricity if they contain dissolved ions, with 
conductivity increasing as ion concentration increases. Applying a voltage 
to electrodes immersed in a solution permits assessment of the relative 
concentration of dissolved ions, either quantitatively, by measuring the 
electrical current flow, or qualitatively, by observing the brightness of a 
light bulb included in the circuit ([link]). 


ethanol KCl acetic acid solution 
No conductivity High conductivity Low conductivity 


Solutions of nonelectrolytes such as ethanol do not contain dissolved 
ions and cannot conduct electricity. Solutions of electrolytes contain 
ions that permit the passage of electricity. The conductivity of an 
electrolyte solution is related to the strength of the electrolyte. 


Ionic Electrolytes 


Water and other polar molecules are attracted to ions, as shown in [link]. 
The electrostatic attraction between an ion and a molecule with a dipole is 
called an ion-dipole attraction. These attractions play an important role in 
the dissolution of ionic compounds in water. 


eo 


As potassium chloride (KCl) dissolves in water, the ions are hydrated. 
The polar water molecules are attracted by the charges on the K* and 
Cl ions. Water molecules in front of and behind the ions are not 
shown. 


When ionic compounds dissolve in water, the ions in the solid separate and 
disperse uniformly throughout the solution because water molecules 
surround and solvate the ions, reducing the strong electrostatic forces 
between them. This process represents a physical change known as 
dissociation. Under most conditions, ionic compounds will dissociate 


nearly completely when dissolved, and so they are classified as strong 
electrolytes. 


Let us consider what happens at the microscopic level when we add solid 
KCI to water. Ion-dipole forces attract the positive (hydrogen) end of the 
polar water molecules to the negative chloride ions at the surface of the 
solid, and they attract the negative (oxygen) ends to the positive potassium 
ions. The water molecules penetrate between individual K* and Cl” ions 
and surround them, reducing the strong interionic forces that bind the ions 
together and letting them move off into solution as solvated ions, as [link] 
shows. The reduction of the electrostatic attraction permits the independent 
motion of each hydrated ion in a dilute solution, resulting in an increase in 
the disorder of the system as the ions change from their fixed and ordered 
positions in the crystal to mobile and much more disordered states in 
solution. This increased disorder is responsible for the dissolution of many 
ionic compounds, including KCl, which dissolve with absorption of heat. 


In other cases, the electrostatic attractions between the ions in a crystal are 
so large, or the ion-dipole attractive forces between the ions and water 
molecules are so weak, that the increase in disorder cannot compensate for 
the energy required to separate the ions, and the crystal is insoluble. Such is 
the case for compounds such as calcium carbonate (limestone), calcium 
phosphate (the inorganic component of bone), and iron oxide (rust). 


Covalent Electrolytes 


Pure water is an extremely poor conductor of electricity because it is only 
very slightly ionized—only about two out of every 1 billion molecules 
ionize at 25 °C. Water ionizes when one molecule of water gives up a 
proton (H* ion) to another molecule of water, yielding hydronium and 
hydroxide ions. 

Equation: 


H20 (1) + H2O (1) = H30*(aq) + OH (aq) 


In some cases, we find that solutions prepared from covalent compounds 
conduct electricity because the solute molecules react chemically with the 
solvent to produce ions. For example, pure hydrogen chloride is a gas 
consisting of covalent HCl molecules. This gas contains no ions. However, 
when we dissolve hydrogen chloride in water, we find that the solution is a 
very good conductor. The water molecules play an essential part in forming 
ions: Solutions of hydrogen chloride in many other solvents, such as 
benzene, do not conduct electricity and do not contain ions. 


Hydrogen chloride is an acid, and so its molecules react with water, 
transferring H* ions to form hydronium ions (H,O*) and chloride ions (CI): 


+ 
hi + :cl: 


os + H—Cl) ———> a 

H H 
This reaction is essentially 100% complete for HCl (i.e., it is a strong acid 
and, consequently, a strong electrolyte). Likewise, weak acids and bases 
that only react partially generate relatively low concentrations of ions when 
dissolved in water and are classified as weak electrolytes. The reader may 
wish to review the discussion of strong and weak acids provided in the 
earlier chapter of this text on reaction classes and stoichiometry. 


Key Concepts and Summary 


Substances that dissolve in water to yield ions are called electrolytes. 
Electrolytes may be covalent compounds that chemically react with water 
to produce ions (for example, acids and bases), or they may be ionic 
compounds that dissociate to yield their constituent cations and anions, 
when dissolved. Dissolution of an ionic compound is facilitated by ion- 
dipole attractions between the ions of the compound and the polar water 
molecules. Soluble ionic substances and strong acids ionize completely and 
are strong electrolytes, while weak acids and bases ionize to only a small 
extent and are weak electrolytes. Nonelectrolytes are substances that do not 
produce ions when dissolved in water. 


Chemistry End of Chapter Exercises 


Exercise: 
Problem: 


Explain why the ions Na” and Cl are strongly solvated in water but 
not in hexane, a solvent composed of nonpolar molecules. 


Solution: 


Crystals of NaCl dissolve in water, a polar liquid with a very large 
dipole moment, and the individual ions become strongly solvated. 
Hexane is a nonpolar liquid with a dipole moment of zero and, 
therefore, does not significantly interact with the ions of the NaCl 
crystals. 


Exercise: 
Problem: 
Explain why solutions of HBr in benzene (a nonpolar solvent) are 


nonconductive, while solutions in water (a polar solvent) are 
conductive. 


Exercise: 
Problem: Consider the solutions presented: 


(a) Which of the following sketches best represents the ions in a 
solution of Fe(NO3)3(aq)? 


y) (2) 


(b) Write a balanced chemical equation showing the products of the 
dissolution of Fe(NO3)3. 


Solution: 


(a) Fe(NO3)3 is a strong electrolyte, thus it should completely 
dissociate into Fe** and NO3~ ions. Therefore, (z) best represents the 
solution. (b) Fe(NO3),(s) —> Fe®*(aq) + 3NO3 (aq) 


Exercise: 


Problem: 


Compare the processes that occur when methanol (CH30H), hydrogen 
chloride (HCI), and sodium hydroxide (NaOH) dissolve in water. 
Write equations and prepare sketches showing the form in which each 
of these compounds is present in its respective solution. 


Exercise: 


Problem: 

What is the expected electrical conductivity of the following solutions? 
(a) NaOH(aq) 

(b) HCl(aq) 

(c) CgH120¢(aq) (glucose) 


(d) NH3(aq) 


Solution: 


(a) high conductivity (solute is an ionic compound that will dissociate 
when dissolved); (b) high conductivity (solute is a strong acid and will 
ionize completely when dissolved); (c) nonconductive (solute is a 
covalent compound, neither acid nor base, unreactive towards water); 
(d) low conductivity (solute is a weak base and will partially ionize 
when dissolved) 


Exercise: 


Problem: 


Why are most solid ionic compounds electrically nonconductive, 
whereas aqueous solutions of ionic compounds are good conductors? 
Would you expect a liquid (molten) ionic compound to be electrically 
conductive or nonconductive? Explain. 


Exercise: 


Problem: 


Indicate the most important type of intermolecular attraction 
responsible for solvation in each of the following solutions: 


(a) the solutions in [link] 
(b) methanol, CH30H, dissolved in ethanol, C7H;OH 
(c) methane, CHy, dissolved in benzene, CgH¢ 


(d) the polar halocarbon CF>Cl, dissolved in the polar halocarbon 
CF,CICFCl, 


(e) O2(/) in No(/) 
Solution: 


(a) ion-dipole; (b) hydrogen bonds; (c) dispersion forces; (d) dipole- 
dipole attractions; (e) dispersion forces 


Glossary 


dissociation 
physical process accompanying the dissolution of an ionic compound 
in which the compound’s constituent ions are solvated and dispersed 
throughout the solution 


electrolyte 
substance that produces ions when dissolved in water 


ion-dipole attraction 
electrostatic attraction between an ion and a polar molecule 


nonelectrolyte 
substance that does not produce ions when dissolved in water 


strong electrolyte 
substance that dissociates or ionizes completely when dissolved in 
water 


weak electrolyte 
substance that ionizes only partially when dissolved in water 


Solubility 
By the end of this module, you will be able to: 


e Describe the effects of temperature and pressure on solubility 

e State Henry’s law and use it in calculations involving the solubility of 
a gas in a liquid 

e Explain the degrees of solubility possible for liquid-liquid solutions 


Imagine adding a small amount of salt to a glass of water, stirring until all 
the salt has dissolved, and then adding a bit more. You can repeat this 
process until the salt concentration of the solution reaches its natural limit, a 
limit determined primarily by the relative strengths of the solute-solute, 
solute-solvent, and solvent-solvent attractive forces discussed in the 
previous two modules of this chapter. You can be certain that you have 
reached this limit because, no matter how long you stir the solution, 
undissolved salt remains. The concentration of salt in the solution at this 
point is known as its solubility. 


The solubility of a solute in a particular solvent is the maximum 
concentration that may be achieved under given conditions when the 
dissolution process is at equilibrium. Referring to the example of salt in 
water: 

Equation: 


NaCl(s) = Nat(agq) + Cl (aq) 


When a solute’s concentration is equal to its solubility, the solution is said 
to be saturated with that solute. If the solute’s concentration is less than its 
solubility, the solution is said to be unsaturated. A solution that contains a 
relatively low concentration of solute is called dilute, and one with a 
relatively high concentration is called concentrated. 


If we add more salt to a saturated solution of salt, we see it fall to the 
bottom and no more seems to dissolve. In fact, the added salt does dissolve, 
as represented by the forward direction of the dissolution equation. 
Accompanying this process, dissolved salt will precipitate, as depicted by 
the reverse direction of the equation. The system is said to be at equilibrium 


when these two reciprocal processes are occurring at equal rates, and so the 
amount of undissolved and dissolved salt remains constant. Support for the 
simultaneous occurrence of the dissolution and precipitation processes is 
provided by noting that the number and sizes of the undissolved salt 
crystals will change over time, though their combined mass will remain the 
same. 


Note: 
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Use this interactive simulation to prepare various saturated solutions. 


Solutions may be prepared in which a solute concentration exceeds its 
solubility. Such solutions are said to be supersaturated, and they are 
interesting examples of nonequilibrium states. For example, the carbonated 
beverage in an open container that has not yet “gone flat” is supersaturated 
with carbon dioxide gas; given time, the CO» concentration will decrease 
until it reaches its equilibrium value. 


Note: 
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Watch this impressive video showing the precipitation of sodium acetate 
from a supersaturated solution. 


Solutions of Gases in Liquids 


In an earlier module of this chapter, the effect of intermolecular attractive 
forces on solution formation was discussed. The chemical structures of the 
solute and solvent dictate the types of forces possible and, consequently, are 
important factors in determining solubility. For example, under similar 
conditions, the water solubility of oxygen is approximately three times 
greater than that of helium, but 100 times less than the solubility of 
chloromethane, CHCl3. Considering the role of the solvent’s chemical 
structure, note that the solubility of oxygen in the liquid hydrocarbon 
hexane, CgHj,, is approximately 20 times greater than it is in water. 


Other factors also affect the solubility of a given substance in a given 
solvent. Temperature is one such factor, with gas solubility typically 
decreasing as temperature increases ([link]). This is one of the major 
impacts resulting from the thermal pollution of natural bodies of water. 
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The solubilities of these gases in water decrease as the temperature 


increases. All solubilities were measured with a constant pressure of 
101.3 kPa (1 atm) of gas above the solutions. 


When the temperature of a river, lake, or stream is raised abnormally high, 
usually due to the discharge of hot water from some industrial process, the 


solubility of oxygen in the water is decreased. Decreased levels of dissolved 
oxygen may have serious consequences for the health of the water’s 
ecosystems and, in severe cases, can result in large-scale fish kills ((link]). 


(a) The small bubbles of air in this glass of chilled water formed when 
the water warmed to room temperature and the solubility of its 
dissolved air decreased. (b) The decreased solubility of oxygen in 
natural waters subjected to thermal pollution can result in large-scale 
fish kills. (credit a: modification of work by Liz West; credit b: 
modification of work by U.S. Fish and Wildlife Service) 


The solubility of a gaseous solute is also affected by the partial pressure of 
solute in the gas to which the solution is exposed. Gas solubility increases 
as the pressure of the gas increases. Carbonated beverages provide a nice 
illustration of this relationship. The carbonation process involves exposing 
the beverage to a relatively high pressure of carbon dioxide gas and then 
sealing the beverage container, thus saturating the beverage with CO, at this 
pressure. When the beverage container is opened, a familiar hiss is heard as 
the carbon dioxide gas pressure is released, and some of the dissolved 
carbon dioxide is typically seen leaving solution in the form of small 
bubbles ({link]). At this point, the beverage is supersaturated with carbon 
dioxide and, with time, the dissolved carbon dioxide concentration will 
decrease to its equilibrium value and the beverage will become “flat.” 


Opening the bottle of carbonated beverage reduces the pressure of the 
gaseous carbon dioxide above the beverage. The solubility of CO, is 
thus lowered, and some dissolved carbon dioxide may be seen leaving 
the solution as small gas bubbles. (credit: modification of work by 
Derrick Coetzee) 


For many gaseous solutes, the relation between solubility, C,, and partial 
pressure, Pg, is a proportional one: 
Equation: 


where k is a proportionality constant that depends on the identities of the 
gaseous solute and solvent, and on the solution temperature. This is a 
mathematical statement of Henry’s law: The quantity of an ideal gas that 


dissolves in a definite volume of liquid is directly proportional to the 
pressure of the gas. 


Example: 

Application of Henry’s Law 

At 20 °C, the concentration of dissolved oxygen in water exposed to 
gaseous oxygen at a partial pressure of 101.3 kPa (760 torr) is 1.38 x 10° 
mol L~!. Use Henry’s law to determine the solubility of oxygen when its 
partial pressure is 20.7 kPa (155 torr), the approximate pressure of oxygen 
in earth’s atmosphere. 

Solution 

According to Henry’s law, for an ideal solution the solubility, C,, of a gas 
(1.38 x 10°73 mol L“4, in this case) is directly proportional to the pressure, 
Pg, of the undissolved gas above the solution (101.3 kPa, or 760 torr, in 
this case). Because we know both Cy and Pg, we can rearrange this 
expression to solve for k. 


Equation: 
Sa Cz 
I 
— 1.388 x 1073 mol L7! 
a 101.3 kPa 


= 1.36 x 10°°molL ‘kPa! 
(1.82 x 10°-° mol L™ torr’) 


Now we can use k to find the solubility at the lower pressure. 
Equation: 


Equation: 


1.36 x 10°-°>molL~!kPa! x 20.7kPa 
(or 1.82 x 10 °molL'! torr x 155 torr) 
= 2.82 x 10 *molL7! 


Note that various units may be used to express the quantities involved in 
these sorts of computations. Any combination of units that yield to the 
constraints of dimensional analysis are acceptable. 

Check Your Learning 

Exposing a 100.0 mL sample of water at 0 °C to an atmosphere containing 
a gaseous solute at 20.26 kPa (152 torr) resulted in the dissolution of 1.45 
< 107° g of the solute. Use Henry’s law to determine the solubility of this 
gaseous solute when its pressure is 101.3 kPa (760 torr). 


Note: 
Answer: 
7.25 x 10°3 in 100.0 mL or 0.0725 g/L 


Note: 

Decompression Sickness or “The Bends” 

Decompression sickness (DCS), or “the bends,” is an effect of the 
increased pressure of the air inhaled by scuba divers when swimming 
underwater at considerable depths. In addition to the pressure exerted by 
the atmosphere, divers are subjected to additional pressure due to the water 
above them, experiencing an increase of approximately 1 atm for each 10 
m of depth. Therefore, the air inhaled by a diver while submerged contains 
gases at the corresponding higher ambient pressure, and the concentrations 
of the gases dissolved in the diver’s blood are proportionally higher per 
Henry’s law. 

As the diver ascends to the surface of the water, the ambient pressure 
decreases and the dissolved gases becomes less soluble. If the ascent is too 


rapid, the gases escaping from the diver’s blood may form bubbles that can 
cause a variety of symptoms ranging from rashes and joint pain to paralysis 
and death. To avoid DCS, divers must ascend from depths at relatively 
slow speeds (10 or 20 m/min) or otherwise make several decompression 
stops, pausing for several minutes at given depths during the ascent. When 
these preventive measures are unsuccessful, divers with DCS are often 
provided hyperbaric oxygen therapy in pressurized vessels called 
decompression (or recompression) chambers ([Link]). 


(a) (b) 


(a) US Navy divers undergo training in a recompression chamber. (b) 
Divers receive hyperbaric oxygen therapy. 


Deviations from Henry’s law are observed when a chemical reaction takes 
place between the gaseous solute and the solvent. Thus, for example, the 
solubility of ammonia in water does not increase as rapidly with increasing 
pressure as predicted by the law because ammonia, being a base, reacts to 
some extent with water to form ammonium ions and hydroxide ions. 
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Gases can form supersaturated solutions. If a solution of a gas in a liquid is 
prepared either at low temperature or under pressure (or both), then as the 
solution warms or as the gas pressure is reduced, the solution may become 
supersaturated. In 1986, more than 1700 people in Cameroon were killed 
when a cloud of gas, almost certainly carbon dioxide, bubbled from Lake 
Nyos ({link]), a deep lake in a volcanic crater. The water at the bottom of 
Lake Nyos is saturated with carbon dioxide by volcanic activity beneath the 
lake. It is believed that the lake underwent a turnover due to gradual heating 
from below the lake, and the warmer, less-dense water saturated with 
carbon dioxide reached the surface. Consequently, tremendous quantities of 
dissolved CO> were released, and the colorless gas, which is denser than air, 
flowed down the valley below the lake and suffocated humans and animals 
living in the valley. 


(a) (b) 


(a) It is believed that the 1986 disaster that killed more than 1700 
people near Lake Nyos in Cameroon resulted when a large volume of 
carbon dioxide gas was released from the lake. (b) A CO, vent has 
since been installed to help outgas the lake in a slow, controlled 
fashion and prevent a similar catastrophe from happening in the future. 


(credit a: modification of work by Jack Lockwood; credit b: 
modification of work by Bill Evans) 


Solutions of Liquids in Liquids 


We know that some liquids mix with each other in all proportions; in other 
words, they have infinite mutual solubility and are said to be miscible. 
Ethanol, sulfuric acid, and ethylene glycol (popular for use as antifreeze, 
pictured in [link]) are examples of liquids that are completely miscible with 
water. Two-cycle motor oil is miscible with gasoline. 
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Water and antifreeze are miscible; mixtures of the two are 
homogeneous in all proportions. (credit: “dno1967”/Wikimedia 
commons) 


Liquids that mix with water in all proportions are usually polar substances 
or substances that form hydrogen bonds. For such liquids, the dipole-dipole 
attractions (or hydrogen bonding) of the solute molecules with the solvent 
molecules are at least as strong as those between molecules in the pure 
solute or in the pure solvent. Hence, the two kinds of molecules mix easily. 
Likewise, nonpolar liquids are miscible with each other because there is no 
appreciable difference in the strengths of solute-solute, solvent-solvent, and 
solute-solvent intermolecular attractions. The solubility of polar molecules 
in polar solvents and of nonpolar molecules in nonpolar solvents is, again, 
an illustration of the chemical axiom “like dissolves like.” 


Two liquids that do not mix to an appreciable extent are called immiscible. 
Layers are formed when we pour immiscible liquids into the same 
container. Gasoline, oil ({link]), benzene, carbon tetrachloride, some paints, 
and many other nonpolar liquids are immiscible with water. The attraction 
between the molecules of such nonpolar liquids and polar water molecules 
is ineffectively weak. The only strong attractions in such a mixture are 
between the water molecules, so they effectively squeeze out the molecules 
of the nonpolar liquid. The distinction between immiscibility and 
miscibility is really one of degrees, so that miscible liquids are of infinite 
mutual solubility, while liquids said to be immiscible are of very low 
(though not zero) mutual solubility. 
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Water and oil are immiscible. Mixtures of these two substances will 
form two separate layers with the less dense oil floating on top of the 
water. (credit: “Yortw”/Flickr) 


Two liquids, such as bromine and water, that are of moderate mutual 
solubility are said to be partially miscible. Two partially miscible liquids 
usually form two layers when mixed. In the case of the bromine and water 


mixture, the upper layer is water, saturated with bromine, and the lower 
layer is bromine saturated with water. Since bromine is nonpolar, and, thus, 
not very soluble in water, the water layer is only slightly discolored by the 
bright orange bromine dissolved in it. Since the solubility of water in 
bromine is very low, there is no noticeable effect on the dark color of the 
bromine layer ({link]). 


Bromine (the deep orange liquid on the left) and water (the clear liquid 
in the middle) are partially miscible. The top layer in the mixture on 
the right is a saturated solution of bromine in water; the bottom layer is 
a saturated solution of water in bromine. (credit: Paul Flowers) 


Solutions of Solids in Liquids 


The dependence of solubility on temperature for a number of solids in water 
is shown by the solubility curves in [link]. Reviewing these data indicate a 
general trend of increasing solubility with temperature, although there are 
exceptions, as illustrated by the ionic compound cerium sulfate. 
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This graph shows how the solubility of several solids changes with 
temperature. 


The temperature dependence of solubility can be exploited to prepare 
supersaturated solutions of certain compounds. A solution may be saturated 
with the compound at an elevated temperature (where the solute is more 
soluble) and subsequently cooled to a lower temperature without 
precipitating the solute. The resultant solution contains solute at a 
concentration greater than its equilibrium solubility at the lower 
temperature (i.e., it is supersaturated) and is relatively stable. Precipitation 
of the excess solute can be initiated by adding a seed crystal (see the video 
in the Link to Learning earlier in this module) or by mechanically agitating 
the solution. Some hand warmers, such as the one pictured in [link], take 
advantage of this behavior. 
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This hand warmer produces heat when the sodium acetate in a 
supersaturated solution precipitates. Precipitation of the solute is 
initiated by a mechanical shockwave generated when the flexible 

metal disk within the solution is “clicked.” (credit: modification of 
work by “Velela”/Wikimedia Commons) 


Note: 
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This video shows the crystallization process occurring in a hand warmer. 


Key Concepts and Summary 


The extent to which one substance will dissolve in another is determined by 
several factors, including the types and relative strengths of intermolecular 
attractive forces that may exist between the substances’ atoms, ions, or 
molecules. This tendency to dissolve is quantified as a substance’s 
solubility, its maximum concentration in a solution at equilibrium under 
specified conditions. A saturated solution contains solute at a concentration 
equal to its solubility. A supersaturated solution is one in which a solute’s 
concentration exceeds its solubility—a nonequilibrium (unstable) condition 
that will result in solute precipitation when the solution is appropriately 
perturbed. Miscible liquids are soluble in all proportions, and immiscible 
liquids exhibit very low mutual solubility. Solubilities for gaseous solutes 
decrease with increasing temperature, while those for most, but not all, 
solid solutes increase with temperature. The concentration of a gaseous 
solute in a solution is proportional to the partial pressure of the gas to which 
the solution is exposed, a relation known as Henry’s law. 


Key Equations 


- C, =kP, 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Suppose you are presented with a clear solution of sodium thiosulfate, 
NaS ,03. How could you determine whether the solution is 
unsaturated, saturated, or supersaturated? 


Exercise: 
Problem: 
Supersaturated solutions of most solids in water are prepared by 
cooling saturated solutions. Supersaturated solutions of most gases in 


water are prepared by heating saturated solutions. Explain the reasons 
for the difference in the two procedures. 


Solution: 

The solubility of solids usually decreases upon cooling a solution, 

while the solubility of gases usually decreases upon heating. 
Exercise: 

Problem: 

Suggest an explanation for the observations that ethanol, C,H;OH, is 


completely miscible with water and that ethanethiol, C>H5SH, is 
soluble only to the extent of 1.5 g per 100 mL of water. 


Exercise: 


Problem: 


Calculate the percent by mass of KBr in a saturated solution of KBr in 
water at 10 °C. See [link] for useful data, and report the computed 
percentage to one significant digit. 


Solution: 


40% 


Exercise: 


Problem: 


Which of the following gases is expected to be most soluble in water? 
Explain your reasoning. 


(a) CH, 
(b) CCly 


(c) CHCl; 
Exercise: 


Problem: 


At 0 °C and 1.00 atm, as much as 0.70 g of O» can dissolve in 1 L of 
water. At 0 °C and 4.00 atm, how many grams of O> dissolve in 1 L of 
water? 


Solution: 
2.8 g 
Exercise: 
Problem: Refer to [link]. 


(a) How did the concentration of dissolved CO> in the beverage 
change when the bottle was opened? 


(b) What caused this change? 


(c) Is the beverage unsaturated, saturated, or supersaturated with CO ? 


Exercise: 


Problem: 


The Henry’s law constant for CO; is 3.4 x 10°? M/atm at 25 °C. What 
pressure of carbon dioxide is needed to maintain a CO, concentration 
of 0.10 M in a can of lemon-lime soda? 


Solution: 


2.9 atm 
Exercise: 
Problem: 
The Henry’s law constant for O» is 1.3 x 10°? M/atm at 25 °C. What 
mass of oxygen would be dissolved in a 40-L aquarium at 25 °C, 


assuming an atmospheric pressure of 1.00 atm, and that the partial 
pressure of O, is 0.21 atm? 


Exercise: 


Problem: 


How many liters of HCl gas, measured at 30.0 °C and 745 torr, are 
required to prepare 1.25 L of a 3.20-M solution of hydrochloric acid? 


Solution: 


102;L-HGl 


Glossary 


Henry’s law 
law stating the proportional relationship between the concentration of 
dissolved gas in a solution and the partial pressure of the gas in contact 
with the solution 


immiscible 
of negligible mutual solubility; typically refers to liquid substances 


miscible 
mutually soluble in all proportions; typically refers to liquid substances 


partially miscible 
of moderate mutual solubility; typically refers to liquid substances 


saturated 
of concentration equal to solubility; containing the maximum 
concentration of solute possible for a given temperature and pressure 


solubility 
extent to which a solute may be dissolved in water, or any solvent 


supersaturated 
of concentration that exceeds solubility; a nonequilibrium state 


unsaturated 
of concentration less than solubility 


Colligative Properties 
By the end of this section, you will be able to: 


e Express concentrations of solution components using mole fraction and molality 

e Describe the effect of solute concentration on various solution properties (vapor pressure, 
boiling point, freezing point, and osmotic pressure) 

¢ Perform calculations using the mathematical equations that describe these various colligative 
effects 

¢ Describe the process of distillation and its practical applications 

e Explain the process of osmosis and describe how it is applied industrially and in nature 


The properties of a solution are different from those of either the pure solute(s) or solvent. Many 
solution properties are dependent upon the chemical identity of the solute. Compared to pure water, a 
solution of hydrogen chloride is more acidic, a solution of ammonia is more basic, a solution of 
sodium chloride is more dense, and a solution of sucrose is more viscous. There are a few solution 
properties, however, that depend only upon the total concentration of solute species, regardless of 
their identities. These colligative properties include vapor pressure lowering, boiling point elevation, 
freezing point depression, and osmotic pressure. This small set of properties is of central importance 
to many natural phenomena and technological applications, as will be described in this module. 


Mole Fraction and Molality 


Several units commonly used to express the concentrations of solution components were introduced 
in an earlier chapter of this text, each providing certain benefits for use in different applications. For 
example, molarity (M) is a convenient unit for use in stoichiometric calculations, since it is defined in 
terms of the molar amounts of solute species: 

Equation: 


mol solute 


L solution 


Because solution volumes vary with temperature, molar concentrations will likewise vary. When 
expressed as molarity, the concentration of a solution with identical numbers of solute and solvent 
species will be different at different temperatures, due to the contraction/expansion of the solution. 
More appropriate for calculations involving many colligative properties are mole-based concentration 
units whose values are not dependent on temperature. Two such units are mole fraction (introduced in 
the previous chapter on gases) and molality. 


The mole fraction, X, of a component is the ratio of its molar amount to the total number of moles of 
all solution components: 
Equation: 


mol A 


xXAa= 
ss total mol of all components 


Molality is a concentration unit defined as the ratio of the numbers of moles of solute to the mass of 
the solvent in kilograms: 
Equation: 


_ mol solute 
kg solvent 


Since these units are computed using only masses and molar amounts, they do not vary with 
temperature and, thus, are better suited for applications requiring temperature-independent 
concentrations, including several colligative properties, as will be described in this chapter module. 


Example: 

Calculating Mole Fraction and Molality 

The antifreeze in most automobile radiators is a mixture of equal volumes of ethylene glycol and 
water, with minor amounts of other additives that prevent corrosion. What are the (a) mole fraction 
and (b) molality of ethylene glycol, C,H,(OH)y, in a solution prepared from 2.22 x 10° g of ethylene 
glycol and 2.00 x 10° g of water (approximately 2 L of glycol and 2 L of water)? 

Solution 

(a) The mole fraction of ethylene glycol may be computed by first deriving molar amounts of both 
solution components and then substituting these amounts into the unit definition. 

Equation: 


1 mol C,H OH 2 
mol CoH4 (OH): = 2.22 x 10°g x am Gelh — 35.8 mol CoHi(OH)2 


mol H,O = 2.00 x 10° g x igt;gino = 111 mol HO 


ae 35.8 mol C2H4(OH)2 = 
Xethylene glycol = (35.8111) mol total — 0.244 


Notice that mole fraction is a dimensionless property, being the ratio of properties with identical 
units (moles). 

(b) To find molality, we need to know the moles of the solute and the mass of the solvent (in kg). 
First, use the given mass of ethylene glycol and its molar mass to find the moles of solute: 
Equation: 


mol C2H2(OH)> 
62.07 g 


2.22 X LOE g C2H,(OH), ( ) = 35.8 mol C2H4(OH). 


Then, convert the mass of the water from grams to kilograms: 


Equation: 
lkg 
2.00 x 10° gH.O = 2.00 kg H,O 
§ tte ( wae | § the 

Finally, calculate molarity per its definition: 
Equation: 

molality = molslut 

molality = 35.8 mol C2H4(OH)» 


2 kg H,0 
molality = 17.9m 


Check Your Learning 
What are the mole fraction and molality of a solution that contains 0.850 g of ammonia, NH3, 
dissolved in 125 g of water? 


Note: 
Answer: 
7.14 x 1073; 0.399 m 


Example: 

Converting Mole Fraction and Molal Concentrations 

Calculate the mole fraction of solute and solvent in a 3.0 m solution of sodium chloride. 

Solution 

Converting from one concentration unit to another is accomplished by first comparing the two unit 
definitions. In this case, both units have the same numerator (moles of solute) but different 
denominators. The provided molal concentration may be written as: 

Equation: 


3.0 mol NaCl 
1.0 kg H,0 
The numerator for this solution’s mole fraction is, therefore, 3.0 mol NaCl. The denominator may be 


computed by deriving the molar amount of water corresponding to 1.0 kg 
Equation: 


‘itera ( hes ( mol H,O 


= 1H 
ike ae | opengl 


and then substituting these molar amounts into the definition for mole fraction. 
Equation: 


Xo =  qaNathanclyO 
X40 = SOueI NAC ees O 
Xn,0 = 0.95 

Xnacl = GalNact mol iO 
XNacl 7s 3.0 a See 


Xywacl = 0.052 


Check Your Learning 
The mole fraction of iodine, Ip, dissolved in dichloromethane, CH>Clp, is 0.115. What is the molal 
concentration, m, of iodine in this solution? 


Note: 
Answer: 
1.50 m 


Vapor Pressure Lowering 


As described in the chapter on liquids and solids, the equilibrium vapor pressure of a liquid is the 
pressure exerted by its gaseous phase when vaporization and condensation are occurring at equal 
rates: 

Equation: 


liquid = gas 


Dissolving a nonvolatile substance in a volatile liquid results in a lowering of the liquid’s vapor 
pressure. This phenomenon can be rationalized by considering the effect of added solute molecules 
on the liquid's vaporization and condensation processes. To vaporize, solvent molecules must be 
present at the surface of the solution. The presence of solute decreases the surface area available to 
solvent molecules and thereby reduces the rate of solvent vaporization. Since the rate of condensation 
is unaffected by the presence of solute, the net result is that the vaporization-condensation 
equilibrium is achieved with fewer solvent molecules in the vapor phase (i.e., at a lower vapor 
pressure) ([link]). While this kinetic interpretation is useful, it does not account for several important 
aspects of the colligative nature of vapor pressure lowering. A more rigorous explanation involves the 
property of entropy, a topic of discussion in a later text chapter on thermodynamics. For purposes of 
understanding the lowering of a liquid's vapor pressure, it is adequate to note that the greater entropy 
of a solution in comparison to its separate solvent and solute serves to effectively stabilize the solvent 
molecules and hinder their vaporization. A lower vapor pressure results, and a correspondingly higher 
boiling point as described in the next section of this module. 


a) Pure water b) Aqueous solution 
q 


The presence of nonvolatile solutes lowers the vapor pressure of a solution by impeding the 
evaporation of solvent molecules. 


The relationship between the vapor pressures of solution components and the concentrations of those 
components is described by Raoult’s law: The partial pressure exerted by any component of an ideal 
solution is equal to the vapor pressure of the pure component multiplied by its mole fraction in the 
solution. 

Equation: 


Px = XaPy 


where Pq is the partial pressure exerted by component A in the solution, P, is the vapor pressure of 
pure A, and X, is the mole fraction of A in the solution. (Mole fraction is a concentration unit 
introduced in the chapter on gases.) 


Recalling that the total pressure of a gaseous mixture is equal to the sum of partial pressures for all its 
components (Dalton’s law of partial pressures), the total vapor pressure exerted by a solution 
containing i components is 

Equation: 


Paton = pes = SLX, 


A nonvolatile substance is one whose vapor pressure is negligible (P° ~ 0), and so the vapor pressure 
above a solution containing only nonvolatile solutes is due only to the solvent: 
Equation: 


P. solution — X, solvent solvent 


Example: 

Calculation of a Vapor Pressure 

Compute the vapor pressure of an ideal solution containing 92.1 g of glycerin, C3H;(OH)3, and 
184.4 g of ethanol, C;H5OH, at 40 °C. The vapor pressure of pure ethanol is 0.178 atm at 40 °C. 
Glycerin is essentially nonvolatile at this temperature. 

Solution 

Since the solvent is the only volatile component of this solution, its vapor pressure may be computed 
per Raoult’s law as: 

Equation: 


P. solution — X, solvent + solvent 


First, calculate the molar amounts of each solution component using the provided mass data. 
Equation: 


92.1¢C;H (OW); x aareeavem: = 1-00mol C3H;(OH)s 


184.4 ¢CyH,OH x {pero OFr = 4.000 mol C,H;OH 


Next, calculate the mole fraction of the solvent (ethanol) and use Raoult’s law to compute the 
solution’s vapor pressure. 


Equation: 
= 4.000 mol = 
XCH;OH = (1.00 mol+4.000 mol) 0.800 
Psow = Xsolv Peo = 9.800 x 0.178 atm = 0.142 atm 
Check Your Learning 


A solution contains 5.00 g of urea, CO(NH)), (a nonvolatile solute) and 0.100 kg of water. If the 
vapor pressure of pure water at 25 °C is 23.7 torr, what is the vapor pressure of the solution? 


Note: 
Answer: 
23.4 torr 


Elevation of the Boiling Point of a Solvent 


As described in the chapter on liquids and solids, the boiling point of a liquid is the temperature at 
which its vapor pressure is equal to ambient atmospheric pressure. Since the vapor pressure of a 
solution is lowered due to the presence of nonvolatile solutes, it stands to reason that the solution’s 
boiling point will subsequently be increased. Compared to pure solvent, a solution, therefore, will 
require a higher temperature to achieve any given vapor pressure, including one equivalent to that of 
the surrounding atmosphere. The increase in boiling point observed when nonvolatile solute is 
dissolved in a solvent, ATj, is called boiling point elevation and is directly proportional to the molal 
concentration of solute species: 

Equation: 


AT = Kym 
where K, is the boiling point elevation constant, or the ebullioscopic constant and m is the molal 
concentration (molality) of all solute species. 


Boiling point elevation constants are characteristic properties that depend on the identity of the 
solvent. Values of K, for several solvents are listed in [link]. 


Boiling Point Elevation and Freezing Point Depression Constants for Several Solvents 


Boiling Point (°C at Ky Freezing Point (°C at Kg 
Solvent 1 atm) (Cm 4) 1 atm) (°Cm"4) 
water 100.0 0.512 0.0 1.86 
hydrogen 118.1 3.07 16.6 3.9 
acetate 
benzene 80.1 2.53 5.5 5.12 
chloroform 61.26 3.63 -63.5 4.68 
nitrobenzene 210.9 5.24 5.67 8.1 


The extent to which the vapor pressure of a solvent is lowered and the boiling point is elevated 
depends on the total number of solute particles present in a given amount of solvent, not on the mass 
or size or chemical identities of the particles. A 1 m aqueous solution of sucrose (342 g/mol) anda 1 


m aqueous solution of ethylene glycol (62 g/mol) will exhibit the same boiling point because each 
solution has one mole of solute particles (molecules) per kilogram of solvent. 


Example: 

Calculating the Boiling Point of a Solution 

What is the boiling point of a 0.33 m solution of a nonvolatile solute in benzene? 

Solution 

Use the equation relating boiling point elevation to solute molality to solve this problem in two steps. 


Molality Change in New 


of solution boiling point boiling point 


Calculate the changein Equation: 
boiling point. 
(NG ee ei) = ES Cid 2 SILER == OCS 


Add the boiling point elevation to the Equation: 


pure solvent’s boiling point. ie . z 
Boiling temperature = 80.1 “C + 0.83 “C = 80.9 °C 


Check Your Learning 
What is the boiling point of the antifreeze described in [link]? 


Note: 
Answer: 
hOSMALE 


Example: 

The Boiling Point of an Iodine Solution 

Find the boiling point of a solution of 92.1 g of iodine, Ip, in 800.0 g of chloroform, CHCls, 
assuming that the iodine is nonvolatile and that the solution is ideal. 

Solution 

We can solve this problem using four steps. 


Change in New 


Mass of Moles of Molality i. te 

ae aoe : boiling boiling 

iodine iodine of solution , : 

point point 

Convert from grams to moles I2using the molar mass. I2in the unit conversion Result: 0.363 
of of factor. mol 
Determine the molality of the solution from the number of moles of solute and the mass Result: m 
of solvent, in kilograms. 0.454 
Use the direct proportionality between the change in boiling point and molal concentrationResult: 
to determine how much the boiling point changes. LAG AC 
Determine the new boiling point from the boiling point of the Result: Check each result as a 
pure solvent and the change. 62.91 °C _ self-assessment. 
Check Your Learning 


What is the boiling point of a solution of 1.0 g of glycerin, C3H;(OH)s3, in 47.8 g of water? Assume 
an ideal solution. 


Note: 
Answer: 
OOM AG, 


Distillation of Solutions 


Distillation is a technique for separating the components of mixtures that is widely applied in both in 
the laboratory and in industrial settings. It is used to refine petroleum, to isolate fermentation 
products, and to purify water. This separation technique involves the controlled heating of a sample 
mixture to selectively vaporize, condense, and collect one or more components of interest. A typical 
apparatus for laboratory-scale distillations is shown in [link]. 


Boiling point 
temperature 


Still head Still 
receiver 
Still pot 
Sample 
mixture 7 
Receiving 
Heating bath flask 


(oil/sand) 


Stirrer speed control 


Stirrer/heat plate 


Heat source 


(b) 


A typical laboratory distillation unit is shown in (a) a photograph and (b) a schematic diagram of 
the components. (credit a: modification of work by “Rifleman82”/Wikimedia commons; credit 
b: modification of work by “Slashme”/Wikimedia Commons) 


Oil refineries use large-scale fractional distillation to separate the components of crude oil. The crude 
oil is heated to high temperatures at the base of a tall fractionating column, vaporizing many of the 
components that rise within the column. As vaporized components reach adequately cool zones 
during their ascent, they condense and are collected. The collected liquids are simpler mixtures of 
hydrocarbons and other petroleum compounds that are of appropriate composition for various 
applications (e.g., diesel fuel, kerosene, gasoline), as depicted in [link]. 


Small molecules: 


COMM rerMe Refinery gas - Low boiling point 
- Very volatile 
- Flows easily 
- Ignites easily 
gasoline a 
i 
naptha 
kerosene 
diesel oil 
aid fuel oil 
crude oil 


Large molecules: 

- High boiling point 

- Not very volatile 
Residue - Does not flow easily 

- Does not ignite easily 


Crude oil is a complex mixture that is separated by large-scale fractional distillation to isolate 
various simpler mixtures. 


Depression of the Freezing Point of a Solvent 


Solutions freeze at lower temperatures than pure liquids. This phenomenon is exploited in “de-icing” 
schemes that use salt ({link]), calcium chloride, or urea to melt ice on roads and sidewalks, and in the 
use of ethylene glycol as an “antifreeze” in automobile radiators. Seawater freezes at a lower 
temperature than fresh water, and so the Arctic and Antarctic oceans remain unfrozen even at 
temperatures below 0 °C (as do the body fluids of fish and other cold-blooded sea animals that live in 
these oceans). 


Rock salt (NaCl), calcium chloride (CaCl,), or a mixture of the two are used to melt ice. (credit: 
modification of work by Eddie Welker) 


The decrease in freezing point of a dilute solution compared to that of the pure solvent, AT;, is called 


the freezing point depression and is directly proportional to the molal concentration of the solute 
Equation: 


AT; = Kem 


where m is the molal concentration of the solute and K; is called the freezing point depression 
constant (or cryoscopic constant). Just as for boiling point elevation constants, these are 


characteristic properties whose values depend on the chemical identity of the solvent. Values of K¢ for 
several solvents are listed in [link]. 


Example: 

Calculation of the Freezing Point of a Solution 

What is the freezing point of the 0.33 m solution of a nonvolatile nonelectrolyte solute in benzene 
described in [link]? 

Solution 


Use the equation relating freezing point depression to solute molality to solve this problem in two 
steps. 


Molality Change in New 


of solution freezing point freezing point 


Calculate the change in Equation: 
freezing point. 
Mie hey — 52) Cima 10 s3cn 17 © 


Subtract the freezing point change observed Equation: 


from the pure solvent’s freezing point. ; : : . 
Freezing Temperature = 5.5 “C — 1.7 “C = 3.8 °C 


Check Your Learning 
What is the freezing point of a 1.85 m solution of a nonvolatile nonelectrolyte solute in 
nitrobenzene? 


Note: 
Answer: 
ees AG, 


Note: 

Colligative Properties and De-Icing 

Sodium chloride and its group 2 analogs calcium and magnesium chloride are often used to de-ice 
roadways and sidewalks, due to the fact that a solution of any one of these salts will have a freezing 
point lower than 0 °C, the freezing point of pure water. The group 2 metal salts are frequently mixed 
with the cheaper and more readily available sodium chloride (“rock salt”) for use on roads, since 
they tend to be somewhat less corrosive than the NaCl, and they provide a larger depression of the 
freezing point, since they dissociate to yield three particles per formula unit, rather than two particles 
like the sodium chloride. 

Because these ionic compounds tend to hasten the corrosion of metal, they would not be a wise 
choice to use in antifreeze for the radiator in your car or to de-ice a plane prior to takeoff. For these 
applications, covalent compounds, such as ethylene or propylene glycol, are often used. The glycols 
used in radiator fluid not only lower the freezing point of the liquid, but they elevate the boiling 
point, making the fluid useful in both winter and summer. Heated glycols are often sprayed onto the 
surface of airplanes prior to takeoff in inclement weather in the winter to remove ice that has already 
formed and prevent the formation of more ice, which would be particularly dangerous if formed on 
the control surfaces of the aircraft ([link]). 


(b) 


Freezing point depression is exploited to remove ice from (a) roadways and (b) the control 
surfaces of aircraft. 


Phase Diagram for an Aqueous Solution of a Nonelectrolyte 


The colligative effects on vapor pressure, boiling point, and freezing point described in the previous 
section are conveniently summarized by comparing the phase diagrams for a pure liquid and a 
solution derived from that liquid. Phase diagrams for water and an aqueous solution are shown in 
Uink]. 


1 atm 


Pressure 


Temperature 


Freezing Freezing Boiling Boiling 
point point of point of point 
of solution pure solvent pure solvent of solution 


These phase diagrams show water (solid curves) and an aqueous solution of nonelectrolyte 
(dashed curves). 


The liquid-vapor curve for the solution is located beneath the corresponding curve for the solvent, 
depicting the vapor pressure lowering, AP, that results from the dissolution of nonvolatile solute. 
Consequently, at any given pressure, the solution’s boiling point is observed at a higher temperature 
than that for the pure solvent, reflecting the boiling point elevation, ATp, associated with the presence 
of nonvolatile solute. The solid-liquid curve for the solution is displaced left of that for the pure 
solvent, representing the freezing point depression, AT;, that accompanies solution formation. Finally, 
notice that the solid-gas curves for the solvent and its solution are identical. This is the case for many 
solutions comprising liquid solvents and nonvolatile solutes. Just as for vaporization, when a solution 
of this sort is frozen, it is actually just the solvent molecules that undergo the liquid-to-solid 
transition, forming pure solid solvent that excludes solute species. The solid and gaseous phases, 
therefore, are composed of solvent only, and so transitions between these phases are not subject to 
colligative effects. 


Osmosis and Osmotic Pressure of Solutions 


A number of natural and synthetic materials exhibit selective permeation, meaning that only 
molecules or ions of a certain size, shape, polarity, charge, and so forth, are capable of passing 
through (permeating) the material. Biological cell membranes provide elegant examples of selective 
permeation in nature, while dialysis tubing used to remove metabolic wastes from blood is a more 
simplistic technological example. Regardless of how they may be fabricated, these materials are 
generally referred to as semipermeable membranes. 


Consider the apparatus illustrated in [link], in which samples of pure solvent and a solution are 
separated by a membrane that only solvent molecules may permeate. Solvent molecules will diffuse 
across the membrane in both directions. Since the concentration of solvent is greater in the pure 
solvent than the solution, these molecules will diffuse from the solvent side of the membrane to the 
solution side at a faster rate than they will in the reverse direction. The result is a net transfer of 
solvent molecules from the pure solvent to the solution. Diffusion-driven transfer of solvent 
molecules through a semipermeable membrane is a process known as osmosis. 


Osmotic 
pressure 


Pure solvent Solution Pure solvent Solution 


Semipermeable Semipermeable 
membrane membrane 
(a) (b) 


Osmosis results in the transfer of solvent molecules from a sample of low (or zero) solute 
concentration to a sample of higher solute concentration. 


When osmosis is carried out in an apparatus like that shown in [link], the volume of the solution 
increases as it becomes diluted by accumulation of solvent. This causes the level of the solution to 
rise, increasing its hydrostatic pressure (due to the weight of the column of solution in the tube) and 
resulting in a faster transfer of solvent molecules back to the pure solvent side. When the pressure 
reaches a value that yields a reverse solvent transfer rate equal to the osmosis rate, bulk transfer of 
solvent ceases. This pressure is called the osmotic pressure (7) of the solution. The osmotic pressure 
of a dilute solution is related to its solute molarity, M, and absolute temperature, T, according to the 
equation 

Equation: 


II = MRT 


where R is the universal gas constant. 


Example: 

Calculation of Osmotic Pressure 

What is the osmotic pressure (atm) of a 0.30 M solution of glucose in water that is used for 
intravenous infusion at body temperature, 37 °C? 

Solution 

We can find the osmotic pressure, IT, using the formula IT = MRT, where T is on the Kelvin scale 
(310 K) and the value of R is expressed in appropriate units (0.08206 L atm/mol Kk). 

Equation: 


I = MRT 
= 0.03 mol/L x 0.08206 L atm/molK x 310K 
= 7.6 atm 
Check Your Learning 


What is the osmotic pressure (atm) a solution with a volume of 0.750 L that contains 5.0 g of 
methanol, CH3OH, in water at 37 °C? 


Note: 
Answer: 
5.3 atm 


If a solution is placed in an apparatus like the one shown in [link], applying pressure greater than the 
osmotic pressure of the solution reverses the osmosis and pushes solvent molecules from the solution 
into the pure solvent. This technique of reverse osmosis is used for large-scale desalination of 
seawater and on smaller scales to produce high-purity tap water for drinking. 


Pressure 
greater 
than 

IT 


solution 


Pure solvent Solution 


Semipermeable 
membrane 


Applying a pressure greater than the osmotic pressure of a solution will 
reverse osmosis. Solvent molecules from the solution are pushed into the 
pure solvent. 


Note: 

Reverse Osmosis Water Purification 

In the process of osmosis, diffusion serves to move water through a semipermeable membrane from 
a less concentrated solution to a more concentrated solution. Osmotic pressure is the amount of 


pressure that must be applied to the more concentrated solution to cause osmosis to stop. If greater 
pressure is applied, the water will go from the more concentrated solution to a less concentrated 
(more pure) solution. This is called reverse osmosis. Reverse osmosis (RO) is used to purify water in 
many applications, from desalination plants in coastal cities, to water-purifying machines in grocery 
stores ([link]), and smaller reverse-osmosis household units. With a hand-operated pump, small RO 
units can be used in third-world countries, disaster areas, and in lifeboats. Our military forces have a 
variety of generator-operated RO units that can be transported in vehicles to remote locations. 


(a) (b) 


Reverse osmosis systems for purifying drinking water are shown here on (a) small and (b) large 
scales. (credit a: modification of work by Jerry Kirkhart; credit b: modification of work by 
Willard J. Lathrop) 


Examples of osmosis are evident in many biological systems because cells are surrounded by 
semipermeable membranes. Carrots and celery that have become limp because they have lost water 
can be made crisp again by placing them in water. Water moves into the carrot or celery cells by 
osmosis. A cucumber placed in a concentrated salt solution loses water by osmosis and absorbs some 
salt to become a pickle. Osmosis can also affect animal cells. Solute concentrations are particularly 
important when solutions are injected into the body. Solutes in body cell fluids and blood serum give 
these solutions an osmotic pressure of approximately 7.7 atm. Solutions injected into the body must 
have the same osmotic pressure as blood serum; that is, they should be isotonic with blood serum. If 
a less concentrated solution, a hypotonic solution, is injected in sufficient quantity to dilute the blood 
serum, water from the diluted serum passes into the blood cells by osmosis, causing the cells to 
expand and rupture. This process is called hemolysis. When a more concentrated solution, a 
hypertonic solution, is injected, the cells lose water to the more concentrated solution, shrivel, and 
possibly die in a process called crenation. These effects are illustrated in [link]. 


% 


(a) 


(b) 


() 


Red blood cell membranes are water permeable and will (a) swell and possibly rupture in a 
hypotonic solution; (b) maintain normal volume and shape in an isotonic solution; and (c) 
shrivel and possibly die in a hypertonic solution. (credit a/b/c: modifications of work by 
“LadyofHats”/Wikimedia commons) 


Determination of Molar Masses 


Osmotic pressure and changes in freezing point, boiling point, and vapor pressure are directly 
proportional to the concentration of solute present. Consequently, we can use a measurement of one 
of these properties to determine the molar mass of the solute from the measurements. 


Example: 
Determination of a Molar Mass from a Freezing Point Depression 


A solution of 4.00 g of a nonelectrolyte dissolved in 55.0 g of benzene is found to freeze at 2.32 °C. 
What is the molar mass of this compound? 
Solution 


We can solve this problem using the following steps. 


Freezing Molal Moles of 
point of concentration compound in 
solution of compound sample 


Molar 
mass of 
compound 


Determine the change in freezing point from the ((link]).Equation: 
observed freezing point and the freezing point of 


pure benzene Ady =5:5-C — 2.92 C=3.2 C 
Determine the f,the freezing point ({link]),andATt.Equation: 
molal depression constant 
concentration for benzene AT; = Kym 

K ; 
ae eS 525 = nce! = 0.63 m 
Determine the number Equation: 
of moles of compound GaGa 
in the solution from oles of solute = ——-—--—_ x. 0.0550 -ke-selvent- = 0.035 mol 
the molal 1.00 ke-selvent- 


concentration and the 

mass of solvent used 

to make the solution. 

Determine the molar mass from the mass of the Equation: 

solute and the number of moles in that mass. 

4.00¢g 


Molar mass = ——_—~— 
0.035 mol 


= 1.1 x 10’g/mol 


Check Your Learning 
A solution of 35.7 g of a nonelectrolyte in 220.0 g of chloroform has a boiling point of 64.5 °C. 
What is the molar mass of this compound? 


Note: 
Answer: 
1.8 x 10? g/mol 


Example: 

Determination of a Molar Mass from Osmotic Pressure 

A 0.500 L sample of an aqueous solution containing 10.0 g of hemoglobin has an osmotic pressure 
of 5.9 torr at 22 °C. What is the molar mass of hemoglobin? 

Solution 

Here is one set of steps that can be used to solve the problem: 


Moles of Molar 
hemoglobin mass of 
in sample hemoglobin 


Osmotic Molar 


pressure concentration 


Convert the osmotic pressure to Equation: 
atmospheres, then determine the molar 
concentration from the osmotic i = Seton sam 7g 19 atin 


pressure. fies 
IDE = IMR 


Sete ie ae 7.8 x 1073 atm - —4 
M = Rr = WoeeLatm/mol KOR) — 32 x 10°°M 


Determine Equation: 
the number of 


2 x 10m mol 
ian i moles of hemoglobin = ~ - - ie’ x 0.500 E-solution- = 1.6 x 10~4mol 


in the 
solution from 
the 
concentration 
and the 
volume of the 
solution. 
Determine the molar mass from the mass ofEquation: 
hemoglobin and the number of moles in 
that mass. 


10.0g 


molar mass = 
1.6 x 10-4mol 


= 6.2 x 10*g/mol 


Check Your Learning 
What is the molar mass of a protein if a solution of 0.02 g of the protein in 25.0 mL of solution has 
an osmotic pressure of 0.56 torr at 25 °C? 


Note: 
Answer: 
3 x 10* g/mol 


Colligative Properties of Electrolytes 


As noted previously in this module, the colligative properties of a solution depend only on the 
number, not on the kind, of solute species dissolved. For example, 1 mole of any nonelectrolyte 
dissolved in 1 kilogram of solvent produces the same lowering of the freezing point as does 1 mole of 
any other nonelectrolyte. However, 1 mole of sodium chloride (an electrolyte) forms 2 moles of ions 
when dissolved in solution. Each individual ion produces the same effect on the freezing point as a 
single molecule does. 


Example: 

The Freezing Point of a Solution of an Electrolyte 

The concentration of ions in seawater is approximately the same as that in a solution containing 4.2 g 
of NaCl dissolved in 125 g of water. Assume that each of the ions in the NaCl solution has the same 
effect on the freezing point of water as a nonelectrolyte molecule, and determine the freezing 
temperature the solution (which is approximately equal to the freezing temperature of seawater). 
Solution 

We can solve this problem using the following series of steps. 


Change in 
freezing 
point 


Moles of 
Nacl 


Moles of Molality of 
ions solution 


New 
freezing 
point 


Convert from grams to moles of NaCl using the molar mass of NaCl in the unit Result: 0.072 mol 


conversion factor. NaCl 

Determine the number of moles of ions present in the solution using the number of moles Result: 

of ions in 1 mole of NaCl as the conversion factor (2 mol ions/1 mol NaCl). 0.14 mol 
ions 

Determine the molality of the ions in the solution from the number of moles of ions and the Result: m 

mass of solvent, in kilograms. iil 

Use the direct proportionality between the change in freezing point and molal concentrationResult: 

to determine how much the freezing point changes. 2 XC 

Determine the new freezing point from the freezing point of the Result: | Check each result as a 

pure solvent and the change. —2.0°C self-assessment. 


Check Your Learning 


Assume that each of the ions in calcium chloride, CaCl , has the same effect on the freezing point of 
water as a nonelectrolyte molecule. Calculate the freezing point of a solution of 0.724 g of CaCl, in 
175 g of water. 


Note: 
Answer: 
—0:208'°E 


Assuming complete dissociation, a 1.0 m aqueous solution of NaCl contains 2.0 mole of ions (1.0 mol 
Na* and 1.0 mol Cl’) per each kilogram of water, and its freezing point depression is expected to be 
Equation: 


AT; = 2.0 mol ions/kg water x 1.86 °C kg water/mol ion = 3.7 °C. 


When this solution is actually prepared and its freezing point depression measured, however, a value 
of 3.4 °C is obtained. Similar discrepancies are observed for other ionic compounds, and the 
differences between the measured and expected colligative property values typically become more 
significant as solute concentrations increase. These observations suggest that the ions of sodium 
chloride (and other strong electrolytes) are not completely dissociated in solution. 


To account for this and avoid the errors accompanying the assumption of total dissociation, an 
experimentally measured parameter named in honor of Nobel Prize-winning German chemist Jacobus 
Henricus van’t Hoff is used. The van’t Hoff factor (i) is defined as the ratio of solute particles in 
solution to the number of formula units dissolved: 

Equation: 


moles of particles in solution 


moles of formula units dissolved 


Values for measured van’t Hoff factors for several solutes, along with predicted values assuming 
complete dissociation, are shown in [link]. 


Expected and Observed van’t Hoff Factors for Several 0.050 m Aqueous Electrolyte 
Solutions 


Expected and Observed van’t Hoff FacRastfoleSaveral 0.050 ni Aqueous Electrblyte 


Bédutiobste Solution (Predicted) (Measured) 
Particles in i i 

Electrolyte Solution (Predicted) (Measured) 

HCl H*, Cl” 2 1.9 

NaCl Na‘, Cl 2 1.9 

MgSO, Mg**, SO4?- 2 iB: 

MgCl, Mg?*, 2Cl” 3 27 

FeCl Fe?*, 3Cl” 4 3.4 

glucose| footnote | 

A nonelectrolyte shown for Cy9H 204, 1 1.0 

comparison. 


In 1923, the chemists Peter Debye and Erich Hiickel proposed a theory to explain the apparent 
incomplete ionization of strong electrolytes. They suggested that although interionic attraction in an 
aqueous solution is very greatly reduced by solvation of the ions and the insulating action of the polar 
solvent, it is not completely nullified. The residual attractions prevent the ions from behaving as 
totally independent particles ({link]). In some cases, a positive and negative ion may actually touch, 
giving a solvated unit called an ion pair. Thus, the activity, or the effective concentration, of any 
particular kind of ion is less than that indicated by the actual concentration. Ions become more and 
more widely separated the more dilute the solution, and the residual interionic attractions become less 
and less. Thus, in extremely dilute solutions, the effective concentrations of the ions (their activities) 
are essentially equal to the actual concentrations. Note that the van’t Hoff factors for the electrolytes 
in [link] are for 0.05 m solutions, at which concentration the value of i for NaCl is 1.9, as opposed to 
an ideal value of 2. 


lon pair 
H —— 
O 


ae” 


lon pair 


4, 


Ions become more and more widely separated the more dilute the solution, and the residual 
interionic attractions become less. 


Key Concepts and Summary 


Properties of a solution that depend only on the concentration of solute particles are called colligative 
properties. They include changes in the vapor pressure, boiling point, and freezing point of the 
solvent in the solution. The magnitudes of these properties depend only on the total concentration of 
solute particles in solution, not on the type of particles. The total concentration of solute particles in a 
solution also determines its osmotic pressure. This is the pressure that must be applied to the solution 
to prevent diffusion of molecules of pure solvent through a semipermeable membrane into the 
solution. Ionic compounds may not completely dissociate in solution due to activity effects, in which 
case observed colligative effects may be less than predicted. 


Key Equations 


+ (Py = X4Pq) 


¢ Psolution = > P = 3. XP, 


© Picivtion = 2s solvent solvent 
bd ATy = Kym 

Ad AT; = Kym 

e IT = MRT 


Chemistry End of Chapter Exercises 


Exercise: 
Problem: 
Which is/are part of the macroscopic domain of solutions and which is/are part of the 


microscopic domain: boiling point elevation, Henry’s law, hydrogen bond, ion-dipole attraction, 
molarity, nonelectrolyte, nonstoichiometric compound, osmosis, solvated ion? 


Exercise: 


Problem: 
What is the microscopic explanation for the macroscopic behavior illustrated in [link]? 
Solution: 


The strength of the bonds between like molecules is stronger than the strength between unlike 
molecules. Therefore, some regions will exist in which the water molecules will exclude oil 
molecules and other regions will exist in which oil molecules will exclude water molecules, 
forming a heterogeneous region. 


Exercise: 
Problem: 
Sketch a qualitative graph of the pressure versus time for water vapor above a sample of pure 
water and a sugar solution, as the liquids evaporate to half their original volume. 
Exercise: 
Problem: 
A solution of potassium nitrate, an electrolyte, and a solution of glycerin (C3H5(OH)3), a 


nonelectrolyte, both boil at 100.3 °C. What other physical properties of the two solutions are 
identical? 


Solution: 
Both form homogeneous solutions; their boiling point elevations are the same, as are their 


lowering of vapor pressures. Osmotic pressure and the lowering of the freezing point are also the 
same for both solutions. 


Exercise: 


Problem: 


What are the mole fractions of H3PO, and water in a solution of 14.5 g of H3PO, in 125 g of 
water? 


(a) Outline the steps necessary to answer the question. 


(b) Answer the question. 
Exercise: 


Problem: 


What are the mole fractions of HNO3 and water in a concentrated solution of nitric acid (68.0% 
HNO3 by mass)? 


(a) Outline the steps necessary to answer the question. 

(b) Answer the question. 

Solution: 

(a) Find number of moles of HNO3 and HO in 100 g of the solution. Find the mole fractions for 


the components. 
(b) The mole fraction of HNO3 is 0.378. The mole fraction of H5O is 0.622. 


Exercise: 
Problem: Calculate the mole fraction of each solute and solvent: 
(a) 583 g of H»SO, in 1.50 kg of water—the acid solution used in an automobile battery 


(b) 0.86 g of NaCl in 1.00 x 10? g of water—a solution of sodium chloride for intravenous 
injection 


(c) 46.85 g of codeine, C;gH»,NO3, in 125.5 g of ethanol, C)H;0H 
(d) 25 g of I, in 125 g of ethanol, C,H;OH 

Exercise: 
Problem: Calculate the mole fraction of each solute and solvent: 


(a) 0.710 kg of sodium carbonate (washing soda), Na2COs, in 10.0 kg of water—a saturated 
solution at 0 °C 


(b) 125 g of NH4NO3 in 275 g of water—a mixture used to make an instant ice pack 
(c) 25 g of Cly in 125 g of dichloromethane, CH Cl» 


(d) 0.372 g of tetrahydropyridine, C5HoN, in 125 g of chloroform, CHCls 


Solution: 


(a) XNna,co,; = 0.0119; Xy,0 = 0.988; (b) XnH,No, = 0.0928; XH,0 = 0.907; (c) 
Xq, = 0.192; Xcu,c1, = 0.808; (d) Xco,4,n = 0.00426; Xcuci, = 0.997 


Exercise: 
Problem: 
Calculate the mole fractions of methanol, CH30H; ethanol, C;H;OH; and water in a solution 


that is 40% methanol, 40% ethanol, and 20% water by mass. (Assume the data are good to two 
significant figures.) 


Exercise: 
Problem: What is the difference between a 1 M solution and a 1 m solution? 
Solution: 


In a 1 M solution, the mole is contained in exactly 1 L of solution. In a 1 m solution, the mole is 
contained in exactly 1 kg of solvent. 


Exercise: 


Problem: 


What is the molality of phosphoric acid, H3POq, in a solution of 14.5 g of H3PO, in 125 g of 
water? 


(a) Outline the steps necessary to answer the question. 


(b) Answer the question. 
Exercise: 


Problem: 


What is the molality of nitric acid in a concentrated solution of nitric acid (68.0% HNO3 by 
mass)? 


(a) Outline the steps necessary to answer the question. 
(b) Answer the question. 
Solution: 


(a) Determine the molar mass of HNO3. Determine the number of moles of acid in the solution. 
From the number of moles and the mass of solvent, determine the molality. (b) 33.7 m 


Exercise: 


Problem: Calculate the molality of each of the following solutions: 


(a) 583 g of H»SO, in 1.50 kg of water—the acid solution used in an automobile battery 


(b) 0.86 g of NaCl in 1.00 x 10? g of water—a solution of sodium chloride for intravenous 
injection 


(c) 46.85 g of codeine, CygH»,NO3, in 125.5 g of ethanol, C)H;O0H 
(d) 25 g of Ip in 125 g of ethanol, C)H3;O0H 

Exercise: 
Problem: Calculate the molality of each of the following solutions: 


(a) 0.710 kg of sodium carbonate (washing soda), Na2COs, in 10.0 kg of water—a saturated 
solution at 0°C 


(b) 125 g of NH4NO3 in 275 g of water—a mixture used to make an instant ice pack 
(c) 25 g of Cly in 125 g of dichloromethane, CH Cl 


(d) 0.372 g of tetrahydropyridine, C5HoN, in 125 g of chloroform, CHCls 


Solution: 


(a) 6.70 x 10°! m; (b) 5.67 m; (c) 2.8 m; (d) 0.0358 m 
Exercise: 
Problem: 


< s < oo 9s 75 mg ‘ ‘ 
The concentration of glucose, CgH; Og, in normal spinal fluid is 1002 * What is the molality of 


the solution? 
Exercise: 


Problem: 


A 13.0% solution of KyCO3 by mass has a density of 1.09 g/cm®. Calculate the molality of the 
solution. 


Solution: 


1.08 m 
Exercise: 


Problem: 


Why does 1 mol of sodium chloride depress the freezing point of 1 kg of water almost twice as 
much as 1 mol of glycerin? 


Exercise: 


Problem: 
What is the boiling point of a solution of 115.0 g of sucrose, C;9H 9044, in 350.0 g of water? 


(a) Outline the steps necessary to answer the question 


(b) Answer the question 
Solution: 


(a) Determine the molar mass of sucrose; determine the number of moles of sucrose in the 
solution; convert the mass of solvent to units of kilograms; from the number of moles and the 
mass of solvent, determine the molality; determine the difference between the boiling point of 
water and the boiling point of the solution; determine the new boiling point. (b) 100.5 °C 


Exercise: 


Problem: 


What is the boiling point of a solution of 9.04 g of Ip in 75.5 g of benzene, assuming the Ip is 
nonvolatile? 


(a) Outline the steps necessary to answer the question. 


(b) Answer the question. 
Exercise: 


Problem: 


What is the freezing temperature of a solution of 115.0 g of sucrose, C}9H 044, in 350.0 g of 
water, which freezes at 0.0 °C when pure? 


(a) Outline the steps necessary to answer the question. 
(b) Answer the question. 
Solution: 


(a) Determine the molar mass of sucrose; determine the number of moles of sucrose in the 
solution; convert the mass of solvent to units of kilograms; from the number of moles and the 
mass of solvent, determine the molality; determine the difference between the freezing 
temperature of water and the freezing temperature of the solution; determine the new freezing 
temperature. (b) —1.8 °C 


Exercise: 
Problem: What is the freezing point of a solution of 9.04 g of Ip in 75.5 g of benzene? 
(a) Outline the steps necessary to answer the following question. 


(b) Answer the question. 
Exercise: 


Problem: 


What is the osmotic pressure of an aqueous solution of 1.64 g of Ca(NO3)> in water at 25 °C? 
The volume of the solution is 275 mL. 


(a) Outline the steps necessary to answer the question. 


(b) Answer the question. 
Solution: 


(a) Determine the molar mass of Ca(NO3)»; determine the number of moles of Ca(NO3)> in the 
solution; determine the number of moles of ions in the solution; determine the molarity of ions, 
then the osmotic pressure. (b) 2.67 atm 


Exercise: 
Problem: 


What is osmotic pressure of a solution of bovine insulin (molar mass, 5700 g mol‘) at 18 °C if 
100.0 mL of the solution contains 0.103 g of the insulin? 


(a) Outline the steps necessary to answer the question. 


(b) Answer the question. 
Exercise: 
Problem: 


What is the molar mass of a solution of 5.00 g of a compound in 25.00 g of carbon tetrachloride 
(bp 76.8 °C; Kj, = 5.02 °C/m) that boils at 81.5 °C at 1 atm? 


(a) Outline the steps necessary to answer the question. 


(b) Solve the problem. 
Solution: 


(a) Determine the molal concentration from the change in boiling point and K,; determine the 
moles of solute in the solution from the molal concentration and mass of solvent; determine the 
molar mass from the number of moles and the mass of solute. (b) 2.1 x 10% g mol 


Exercise: 
Problem: 
A sample of an organic compound (a nonelectrolyte) weighing 1.35 g lowered the freezing point 
of 10.0 g of benzene by 3.66 °C. Calculate the molar mass of the compound. 
Exercise: 
Problem: 


A 1.0 m solution of HCl in benzene has a freezing point of 0.4 °C. Is HCI an electrolyte in 
benzene? Explain. 


Solution: 


No. Pure benzene freezes at 5.5 °C, and so the observed freezing point of this solution is 
depressed by AT; = 5.5 — 0.4 = 5.1 °C. The value computed, assuming no ionization of HCl, is 


AT; = (1.0 m)(5.14 °C/m) = 5.1 °C. Agreement of these values supports the assumption that HCl 
is not ionized. 


Exercise: 
Problem: 
A solution contains 5.00 g of urea, CO(NH2)», a nonvolatile compound, dissolved in 0.100 kg of 


water. If the vapor pressure of pure water at 25 °C is 23.7 torr, what is the vapor pressure of the 
solution? 


Exercise: 
Problem: 


A 12.0-g sample of a nonelectrolyte is dissolved in 80.0 g of water. The solution freezes at —-1.94 
°C. Calculate the molar mass of the substance. 


Solution: 


144 g mol! 
Exercise: 
Problem: 
Arrange the following solutions in order by their decreasing freezing points: 0.1 m Na3PO,, 0.1 
m CyHs5OH, 0.01 m COs, 0.15 m NaCl, and 0.2 m CaCl. 
Exercise: 
Problem: 


Calculate the boiling point elevation of 0.100 kg of water containing 0.010 mol of NaCl, 0.020 
mol of Na,SOx,, and 0.030 mol of MgCl», assuming complete dissociation of these electrolytes. 


Solution: 


0.870 °C 
Exercise: 
Problem: 
How could you prepare a 3.08 m aqueous solution of glycerin, C3Hg03? What is the freezing 
point of this solution? 
Exercise: 
Problem: 
A sample of sulfur weighing 0.210 g was dissolved in 17.8 g of carbon disulfide, CS» (Ky = 2.43 


°C/m). If the boiling point elevation was 0.107 °C, what is the formula of a sulfur molecule in 
carbon disulfide? 


Solution: 


Sg 
Exercise: 
Problem: 
In a significant experiment performed many years ago, 5.6977 g of cadmium iodide in 44.69 g 


of water raised the boiling point 0.181 °C. What does this suggest about the nature of a solution 
of Cdl? 


Exercise: 


Problem: 


Lysozyme is an enzyme that cleaves cell walls. A 0.100-L sample of a solution of lysozyme that 
contains 0.0750 g of the enzyme exhibits an osmotic pressure of 1.32 x 10°? atm at 25 °C. What 
is the molar mass of lysozyme? 


Solution: 


1.39 x 104g mol! 
Exercise: 


Problem: 


The osmotic pressure of a solution containing 7.0 g of insulin per liter is 23 torr at 25 °C. What 
is the molar mass of insulin? 


Exercise: 


Problem: 


The osmotic pressure of human blood is 7.6 atm at 37 °C. What mass of glucose, CgH1 0g, is 
required to make 1.00 L of aqueous solution for intravenous feeding if the solution must have 
the same osmotic pressure as blood at body temperature, 37 °C? 


Solution: 


54 g 
Exercise: 


Problem: 


What is the freezing point of a solution of dibromobenzene, CgH4Bry, in 0.250 kg of benzene, if 
the solution boils at 83.5 °C? 


Exercise: 


Problem: 
What is the boiling point of a solution of NaCl in water if the solution freezes at —0.93 °C? 
Solution: 


100.26 °C 


Exercise: 
Problem: 
The sugar fructose contains 40.0% C, 6.7% H, and 53.3% O by mass. A solution of 11.7 g of 


fructose in 325 g of ethanol has a boiling point of 78.59 °C. The boiling point of ethanol is 78.35 
°C, and Ky for ethanol is 1.20 °C/m. What is the molecular formula of fructose? 


Exercise: 
Problem: 


The vapor pressure of methanol, CH3OH, is 94 torr at 20 °C. The vapor pressure of ethanol, 
C»H-;OH, is 44 torr at the same temperature. 


(a) Calculate the mole fraction of methanol and of ethanol in a solution of 50.0 g of methanol 
and 50.0 g of ethanol. 


(b) Ethanol and methanol form a solution that behaves like an ideal solution. Calculate the vapor 
pressure of methanol and of ethanol above the solution at 20 °C. 


(c) Calculate the mole fraction of methanol and of ethanol in the vapor above the solution. 
Solution: 
(a) Xcu,0n = 0.590; Xc,H,on = 0.410; (b) Vapor pressures are: CH3OH: 55 torr; C7H5OH: 
18 torr; (c) CH30H: 0.75; CoHs5OH: 0.25 

Exercise: 
Problem: 
The triple point of air-free water is defined as 273.16 K. Why is it important that the water be 
free of air? 

Exercise: 
Problem: 


Meat can be classified as fresh (not frozen) even though it is stored at -1 °C. Why wouldn’t 
meat freeze at this temperature? 


Solution: 
The ions and compounds present in the water in the beef lower the freezing point of the beef 
below -1 °C. 

Exercise: 
Problem: 
An organic compound has a composition of 93.46% C and 6.54% H by mass. A solution of 
0.090 g of this compound in 1.10 g of camphor melts at 158.4 °C. The melting point of pure 


camphor is 178.4 °C. K¢ for camphor is 37.7 °C/m. What is the molecular formula of the solute? 
Show your calculations. 


Exercise: 
Problem: 
A sample of HgCl, weighing 9.41 g is dissolved in 32.75 g of ethanol, C)H5OH (Ky = 1.20 


°C/m). The boiling point elevation of the solution is 1.27 °C. Is HgCl, an electrolyte in ethanol? 
Show your calculations. 


Solution: 
9.41 Imol Hg Cl 
Abp = Kym = (1.20 °C/m) ( rent ) S276 


The observed change equals the theoretical change; therefore, no dissociation occurs. 
Exercise: 

Problem: 

A salt is known to be an alkali metal fluoride. A quick approximate determination of freezing 


point indicates that 4 g of the salt dissolved in 100 g of water produces a solution that freezes at 
about —1.4 °C. What is the formula of the salt? Show your calculations. 


Glossary 


boiling point elevation 
elevation of the boiling point of a liquid by addition of a solute 


boiling point elevation constant 
the proportionality constant in the equation relating boiling point elevation to solute molality; 
also known as the ebullioscopic constant 


colligative property 
property of a solution that depends only on the concentration of a solute species 


crenation 
process whereby biological cells become shriveled due to loss of water by osmosis 


freezing point depression 
lowering of the freezing point of a liquid by addition of a solute 


freezing point depression constant 
(also, cryoscopic constant) proportionality constant in the equation relating freezing point 
depression to solute molality 


hemolysis 
rupture of red blood cells due to the accumulation of excess water by osmosis 


hypertonic 
of greater osmotic pressure 


hypotonic 
of less osmotic pressure 


ion pair 
solvated anion/cation pair held together by moderate electrostatic attraction 


isotonic 
of equal osmotic pressure 


molality (m) 
a concentration unit defined as the ratio of the numbers of moles of solute to the mass of the 
solvent in kilograms 


osmosis 
diffusion of solvent molecules through a semipermeable membrane 


osmotic pressure (IT) 
opposing pressure required to prevent bulk transfer of solvent molecules through a 
semipermeable membrane 


Raoult’s law 
the partial pressure exerted by a solution component is equal to the product of the component’s 
mole fraction in the solution and its equilibrium vapor pressure in the pure state 


semipermeable membrane 
a membrane that selectively permits passage of certain ions or molecules 


van’t Hoff factor (i) 
the ratio of the number of moles of particles in a solution to the number of moles of formula 
units dissolved in the solution 


Colloids 
By the end of this section, you will be able to: 


e Describe the composition and properties of colloidal dispersions 
e List and explain several technological applications of colloids 


As a child, you may have made suspensions such as mixtures of mud and water, 
flour and water, or a suspension of solid pigments in water, known as tempera 
paint. These suspensions are heterogeneous mixtures composed of relatively large 
particles that are visible (or that can be seen with a magnifying glass). They are 
cloudy, and the suspended particles settle out after mixing. On the other hand, 
when we make a solution, we prepare a homogeneous mixture in which no 
settling occurs and in which the dissolved species are molecules or ions. Solutions 
exhibit completely different behavior from suspensions. A solution may be 
colored, but it is transparent, the molecules or ions are invisible, and they do not 
settle out on standing. A group of mixtures called colloids (or colloidal 
dispersions) exhibit properties intermediate between those of suspensions and 
solutions ([{link]). The particles in a colloid are larger than most simple molecules; 
however, colloidal particles are small enough that they do not settle out upon 


(a) A solution is a homogeneous mixture that appears clear, such as the 
saltwater in this aquarium. (b) In a colloid, such as milk, the particles are 


much larger but remain dispersed and do not settle. (c) A suspension, such as 
mud, is a heterogeneous mixture of suspended particles that appears cloudy 
and in which the particles can settle. (credit a photo: modification of work by 
Adam Wimsatt; credit b photo: modification of work by Melissa Wiese; 
credit c photo: modification of work by Peter Burgess) 


The particles in a colloid are large enough to scatter light, a phenomenon called 
the Tyndall effect. This can make colloidal mixtures appear cloudy or opaque, 
such as the searchlight beams shown in [link]. Clouds are colloidal mixtures. 
They are composed of water droplets that are much larger than molecules, but that 
are small enough that they do not settle out. 
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The paths of searchlight beams are made visible when light is scattered by 
colloidal-size particles in the air (fog, smoke, etc.). (credit: 
“Bahman”/Wikimedia Commons) 


The term “colloid”—from the Greek words kolla, meaning “glue,” and eidos, 
meaning “like”—was first used in 1861 by Thomas Graham to classify mixtures 
such as starch in water and gelatin. Many colloidal particles are aggregates of 
hundreds or thousands of molecules, but others (such as proteins and polymer 
molecules) consist of a single extremely large molecule. The protein and synthetic 
polymer molecules that form colloids may have molecular masses ranging from a 
few thousand to many million atomic mass units. 


Analogous to the identification of solution components as “solute” and “solvent,” 
the components of a colloid are likewise classified according to their relative 
amounts. The particulate component typically present in a relatively minor 
amount is called the dispersed phase and the substance or solution throughout 
which the particulate is dispersed is called the dispersion medium. Colloids may 
involve virtually any combination of physical states (gas in liquid, liquid in solid, 
solid in gas, etc.), as illustrated by the examples of colloidal systems given in 
[link]. 


Examples of Colloidal Systems 


Dispersed Dispersion 
Phase Medium Common Examples Name 
solid gas smoke, dust — 
seid Rand starch in water, some inks, sl 

d paints, milk of magnesia 
solid itl some colored gems, some _ 

alloys 

liquid gas clouds, fogs, mists, sprays aerosol 


liquid liquid milk, mayonnaise, butter emulsion 


Examples of Colloidal Systems 


Dispersed Dispersion 
Phase Medium Common Examples Name 
eae 3 jellies, gels, pearl, opal 
liquid solid (HO in SiO;) gel 
gas liquid foams, whipped cream, Paes 
beaten egg whites 
gas solid pumice, floating soaps — 


Preparation of Colloidal Systems 


We can prepare a colloidal system by producing particles of colloidal dimensions 
and distributing these particles throughout a dispersion medium. Particles of 
colloidal size are formed by two methods: 


1. Dispersion methods: that is, by breaking down larger particles. For example, 
paint pigments are produced by dispersing large particles by grinding in 
special mills. 

2. Condensation methods: that is, growth from smaller units, such as molecules 
or ions. For example, clouds form when water molecules condense and form 
very small droplets. 


A few solid substances, when brought into contact with water, disperse 
spontaneously and form colloidal systems. Gelatin, glue, starch, and dehydrated 
milk powder behave in this manner. The particles are already of colloidal size; the 
water simply disperses them. Powdered milk particles of colloidal size are 
produced by dehydrating milk spray. Some atomizers produce colloidal 
dispersions of a liquid in air. 


We can prepare an emulsion by shaking together or blending two immiscible 
liquids. This breaks one liquid into droplets of colloidal size, which then disperse 
throughout the other liquid. Oil spills in the ocean may be difficult to clean up, 
partly because wave action can cause the oil and water to form an emulsion. In 
many emulsions, however, the dispersed phase tends to coalesce, form large 
drops, and separate. Therefore, emulsions are usually stabilized by an 


emulsifying agent, a substance that inhibits the coalescence of the dispersed 
liquid. For example, a little soap will stabilize an emulsion of kerosene in water. 
Milk is an emulsion of butterfat in water, with the protein casein as the 
emulsifying agent. Mayonnaise is an emulsion of oil in vinegar, with egg yolk 
components as the emulsifying agents. 


Condensation methods form colloidal particles by aggregation of molecules or 
ions. If the particles grow beyond the colloidal size range, drops or precipitates 
form, and no colloidal system results. Clouds form when water molecules 
aggregate and form colloid-sized particles. If these water particles coalesce to 
form adequately large water drops of liquid water or crystals of solid water, they 
settle from the sky as rain, sleet, or snow. Many condensation methods involve 
chemical reactions. We can prepare a red colloidal suspension of iron(II) 
hydroxide by mixing a concentrated solution of iron(II) chloride with hot water: 
Equation: 


Fe*! (aq) + 3Cl (aq) + 6H2O (1) —> Fe(OH),(s) + H30*(aqg) + 3CI (aq). 


A colloidal gold sol results from the reduction of a very dilute solution of 
gold(II) chloride by a reducing agent such as formaldehyde, tin(II) chloride, or 
iron(II) sulfate: 

Equation: 


Au’ +3e —> Au 


Some gold sols prepared in 1857 are still intact (the particles have not coalesced 
and settled), illustrating the long-term stability of many colloids. 


Soaps and Detergents 


Pioneers made soap by boiling fats with a strongly basic solution made by 
leaching potassium carbonate, K»CO3, from wood ashes with hot water. Animal 
fats contain polyesters of fatty acids (long-chain carboxylic acids). When animal 
fats are treated with a base like potassium carbonate or sodium hydroxide, 
glycerol and salts of fatty acids such as palmitic, oleic, and stearic acid are 
formed. The salts of fatty acids are called soaps. The sodium salt of stearic acid, 
sodium stearate, has the formula C;7H3,CO,Na and contains an uncharged 


nonpolar hydrocarbon chain, the C,7H35;— unit, and an ionic carboxylate group, 
the —CQO,~ unit ((link]). 


Hydrocarbon chain lonic end 
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sodium stearate (Soap) 


Soaps contain a nonpolar hydrocarbon end (blue) and an ionic end (red). The 
ionic end is a carboxylate group. The length of the hydrocarbon end can vary 
from soap to soap. 


Detergents (soap substitutes) also contain nonpolar hydrocarbon chains, such as 
C,H»;s—, and an ionic group, such as a sulfate—OSOs3_, or a sulfonate—SO3_ 
({link]). Soaps form insoluble calcium and magnesium compounds in hard water; 
detergents form water-soluble products—a definite advantage for detergents. 
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sodium lauryl sulfate (detergent) 


CH 


Detergents contain a nonpolar hydrocarbon end (blue) and an ionic end 
(red). The ionic end can be either a sulfate or a sulfonate. The length of the 
hydrocarbon end can vary from detergent to detergent. 


The cleaning action of soaps and detergents can be explained in terms of the 
structures of the molecules involved. The hydrocarbon (nonpolar) end of a soap 
or detergent molecule dissolves in, or is attracted to, nonpolar substances such as 
oil, grease, or dirt particles. The ionic end is attracted by water (polar), illustrated 
in [link]. As a result, the soap or detergent molecules become oriented at the 
interface between the dirt particles and the water so they act as a kind of bridge 
between two different kinds of matter, nonpolar and polar. Molecules such as this 
are termed amphiphilic since they have both a hydrophobic (“water-fearing”) 


part and a hydrophilic (“water-loving”) part. As a consequence, dirt particles 
become suspended as colloidal particles and are readily washed away. 
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Drop of oil 


This diagrammatic cross section of an emulsified drop of oil in water shows 
how soap or detergent acts as an emulsifier. 


Note: 

Deepwater Horizon Oil Spill 

The blowout of the Deepwater Horizon oil drilling rig on April 20, 2010, in the 
Gulf of Mexico near Mississippi began the largest marine oil spill in the history 


of the petroleum industry. In the 87 days following the blowout, an estimated 4.9 
million barrels (210 million gallons) of oil flowed from the ruptured well 5000 
feet below the water’s surface. The well was finally declared sealed on 
September 19, 2010. 

Crude oil is immiscible with and less dense than water, so the spilled oil rose to 
the surface of the water. Floating booms, skimmer ships, and controlled burns 
were used to remove oil from the water’s surface in an attempt to protect beaches 
and wetlands along the Gulf coast. In addition to removal of the oil, attempts 
were also made to lessen its environmental impact by rendering it “soluble” (in 
the loose sense of the term) and thus allowing it to be diluted to hopefully less 
harmful levels by the vast volume of ocean water. This approach used 1.84 
million gallons of the oil dispersant Corexit 9527, most of which was injected 
underwater at the site of the leak, with small amounts being sprayed on top of the 
spill. Corexit 9527 contains 2-butoxyethanol (CgH;4,0>), an amphiphilic 
molecule whose polar and nonpolar ends are useful for emulsifying oil into small 
droplets, increasing the surface area of the oil and making it more available to 
marine bacteria for digestion ({link]). While this approach avoids many of the 
immediate hazards that bulk oil poses to marine and coastal ecosystems, it 
introduces the possibility of long-term effects resulting from the introduction of 
the complex and potential toxic components of petroleum into the ocean’s food 
chain. A number of organizations are involved in monitoring the extended 
impact of this oil spill, including the National Oceanic and Atmospheric 
Administration (visit this website for additional details). 


Oil slick 


(a) (c) 

(a) This NASA satellite image shows the oil slick from the Deepwater 
Horizon spill. (b) A US Air Force plane sprays Corexit, a dispersant. (Cc) 
The molecular structure of 2-butoxyethanol is shown. (credit a: 
modification of work by “NASA, FT2, demis.nl”/Wikimedia Commons; 
credit b: modification of work by “NASA/MODIS Rapid Response 
Team”/Wikimedia Commons) 


Electrical Properties of Colloidal Particles 


Dispersed colloidal particles are often electrically charged. A colloidal particle of 
iron(II) hydroxide, for example, does not contain enough hydroxide ions to 
compensate exactly for the positive charges on the iron(II) ions. Thus, each 
individual colloidal particle bears a positive charge, and the colloidal dispersion 
consists of charged colloidal particles and some free hydroxide ions, which keep 
the dispersion electrically neutral. Most metal hydroxide colloids have positive 
charges, whereas most metals and metal sulfides form negatively charged 
dispersions. All colloidal particles in any one system have charges of the same 
sign. This helps keep them dispersed because particles containing like charges 
repel each other. 


We can take advantage of the charge on colloidal particles to remove them from a 
variety of mixtures. If we place a colloidal dispersion in a container with charged 
electrodes, positively charged particles, such as iron(III) hydroxide particles, 
would move to the negative electrode. There, the colloidal particles lose their 
charge and coagulate as a precipitate. 


The carbon and dust particles in smoke are often colloidally dispersed and 
electrically charged. Frederick Cottrell, an American chemist, developed a 
process to remove these particles. 


Note: 
Frederick Gardner Cottrell 


(a) Frederick Cottrell developed (b) the electrostatic precipitator, a 
device designed to curb air pollution by removing colloidal particles 
from air. (credit b: modification of work by “SpLot”/Wikimedia 
Commons) 


Born in Oakland, CA in 1877, Frederick Cottrell devoured textbooks as if they 
were novels and graduated from high school at the age of 16. He then entered the 
University of California (UC), Berkeley, completing a Bachelor’s degree in three 
years. He saved money from his $1200 annual salary as a chemistry teacher at 
Oakland High School to fund his studies in chemistry in Berlin with Nobel prize 
winner Jacobus Henricus van’t Hoff, and in Leipzig with Wilhelm Ostwald, 
another Nobel awardee. After earning his PhD in physical chemistry, he returned 
to the United States to teach at UC Berkeley. He also consulted for the DuPont 
Company, where he developed the electrostatic precipitator, a device designed to 
curb air pollution by removing colloidal particles from air. Cottrell used the 
proceeds from his invention to fund a nonprofit research corporation to finance 
scientific research. 


The charged particles are attracted to highly charged electrodes, where they are 
neutralized and deposited as dust ([link]). This is one of the important methods 
used to clean up the smoke from a variety of industrial processes. The process is 
also important in the recovery of valuable products from the smoke and flue dust 
of smelters, furnaces, and kilns. There are also ionic air filters designed for home 
use to improve indoor air quality. 
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In a Cottrell precipitator, positively and negatively charged particles are 
attracted to highly charged electrodes, where they are neutralized and 


deposited as dust. 


Gels 


When we make gelatin, such as Jell-O, we are making a type of colloid ({link]). 
Gelatin sets on cooling because the hot aqueous mixture of gelatin coagulates as it 
cools and the whole mass, including the liquid, sets to an extremely viscous body 
known as a gel, a colloid in which the dispersing medium is a solid and the 
dispersed phase is a liquid. It appears that the fibers of the dispersing medium 
form a complex three-dimensional network, the interstices being filled with the 
liquid medium or a dilute solution of the dispersing medium. Because the 
formation of a gel is accompanied by the taking up of water or some other 
solvent, the gel is said to be hydrated or solvated. 


Gelatin desserts are colloids in which an aqueous solution of sweeteners and 
flavors is dispersed throughout a medium of solid proteins. (credit photo: 
modification of work by Steven Depolo) 


Pectin, a carbohydrate from fruit juices, is a gel-forming substance important in 
jelly making. Silica gel, a colloidal dispersion of hydrated silicon dioxide, is 
formed when dilute hydrochloric acid is added to a dilute solution of sodium 
silicate. Canned Heat is a gel made by mixing alcohol and a saturated aqueous 
solution of calcium acetate. 


Key Concepts and Summary 


Colloids are mixtures in which one or more substances are dispersed as relatively 
large solid particles or liquid droplets throughout a solid, liquid, or gaseous 
medium. The particles of a colloid remain dispersed and do not settle due to 
gravity, and they are often electrically charged. Colloids are widespread in nature 
and are involved in many technological applications. 


Chemistry End of Chapter Exercises 


Exercise: 
Problem: 
Identify the dispersed phase and the dispersion medium in each of the 


following colloidal systems: starch dispersion, smoke, fog, pearl, whipped 
cream, floating soap, jelly, milk, and ruby. 


Solution: 
Colloidal 
System Dispersed Phase Dispersion Medium 
stare starch water 
dispersion 


smoke solid particles air 


Colloidal 
System Dispersed Phase Dispersion Medium 


fog water air 


calcium carbonate 
pearl water 


(CaCO3) 
mappa air cream 
cream 
floating soap air soap 
jelly fruit juice pectin gel 
milk butterfat water 
ruby chromium(III) oxide aluminum oxide 
(Cr203) (Al,Os3) 
Exercise: 
Problem: 


Distinguish between dispersion methods and condensation methods for 
preparing colloidal systems. 


Exercise: 
Problem: 


How do colloids differ from solutions with regard to dispersed particle size 
and homogeneity? 


Solution: 


Colloidal dispersions consist of particles that are much bigger than the 
solutes of typical solutions. Colloidal particles are either very large 
molecules or aggregates of smaller species that usually are big enough to 
scatter light. Colloids are homogeneous on a macroscopic (visual) scale, 
while solutions are homogeneous on a microscopic (molecular) scale. 


Exercise: 


Problem: Explain the cleansing action of soap. 
Exercise: 


Problem: 


How can it be demonstrated that colloidal particles are electrically charged? 


Solution: 


If they are placed in an electrolytic cell, dispersed particles will move toward 
the electrode that carries a charge opposite to their own charge. At this 
electrode, the charged particles will be neutralized and will coagulate as a 
precipitate. 


Glossary 


amphiphilic 
molecules possessing both hydrophobic (nonpolar) and a hydrophilic (polar) 
parts 


colloid 
(also, colloidal dispersion) mixture in which relatively large solid or liquid 
particles are dispersed uniformly throughout a gas, liquid, or solid 


dispersion medium 
solid, liquid, or gas in which colloidal particles are dispersed 


dispersed phase 
substance present as relatively large solid or liquid particles in a colloid 


emulsifying agent 
amphiphilic substance used to stabilize the particles of some emulsions 


emulsion 
colloid formed from immiscible liquids 


gel 
colloidal dispersion of a liquid in a solid 


Tyndall effect 
scattering of visible light by a colloidal dispersion 


Introduction 
class="introduction" 


¢ Chemical Equilibria 

e Equilibrium Constants 

e Shifting Equilibria: Le Chatelier’s Principle 
e Equilibrium Calculations 


Movement 
of carbon 
dioxide 
through 
tissues and 
blood cells 
involves 
several 
equilibriu 
m 
reactions. 


Imagine a beach populated with sunbathers and swimmers. As those 
basking in the sun get too hot and want to cool off, they head into the surf to 


swim. As the swimmers tire, they head to the beach to rest. If these two 
rates of transfer (sunbathers entering the water, swimmers leaving the 
water) are equal, the number of sunbathers and swimmers would be 
constant, or at equilibrium, although the identities of the people are 
constantly changing from sunbather to swimmer and back. An analogous 
situation occurs in chemical reactions. Reactions can occur in both 
directions simultaneously (reactants to products and products to reactants) 
and eventually reach a state of balance. 


These balanced two-way reactions occur all around and even in us. For 
example, they occur in our blood, where the reaction between carbon 
dioxide and water forms carbonic acid (H2COs3) ([link]). Human 
physiology is adapted to the amount of ionized products produced by this 
reaction (HCO3~ and H’). This chapter provides a thorough introduction to 
the essential aspects of chemical equilibria. 


Chemical Equilibria 
By the end of this section, you will be able to: 


e Describe the nature of equilibrium systems 
e Explain the dynamic nature of a chemical equilibrium 


A chemical reaction is usually written in a way that suggests it proceeds in 
one direction, the direction in which we read, but all chemical reactions are 
reversible, and both the forward and reverse reaction occur to one degree or 
another depending on conditions. In a chemical equilibrium, the forward 
and reverse reactions occur at equal rates, and the concentrations of 
products and reactants remain constant. If we run a reaction in a closed 
system so that the products cannot escape, we often find the reaction does 
not give a 100% yield of products. Instead, some reactants remain after the 
concentrations stop changing. At this point, when there is no further change 
in concentrations of reactants and products, we say the reaction is at 
equilibrium. A mixture of reactants and products is found at equilibrium. 


For example, when we place a sample of dinitrogen tetroxide (N»Ou,, a 
colorless gas) in a glass tube, it forms nitrogen dioxide (NO>, a brown gas) 
by the reaction 

Equation: 


N20a(g) = 2NO2(g) 


The color becomes darker as NO, is converted to NO». When the system 
reaches equilibrium, both N»O,4 and NO» are present ((link]). 
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A mixture of NO, and N»O, moves toward equilibrium. Colorless 

N»O, reacts to form brown NO>. As the reaction proceeds toward 

equilibrium, the color of the mixture darkens due to the increasing 
concentration of NO». 


The formation of NO», from N»O, is a reversible reaction, which is 
identified by the equilibrium arrow (=). All reactions are reversible, but 
many reactions, for all practical purposes, proceed in one direction until the 
reactants are exhausted and will reverse only under certain conditions. Such 
reactions are often depicted with a one-way arrow from reactants to 
products. Many other reactions, such as the formation of NO» from N»O,, 
are reversible under more easily obtainable conditions and, therefore, are 


named as such. In a reversible reaction, the reactants can combine to form 
products and the products can react to form the reactants. Thus, not only 
can N»O, decompose to form NOs, but the NO» produced can react to form 
N»Oy,. As soon as the forward reaction produces any NOs, the reverse 
reaction begins and NOs starts to react to form N»O,. At equilibrium, the 
concentrations of N»O, and NO> no longer change because the rate of 
formation of NO is exactly equal to the rate of consumption of NO», and 
the rate of formation of NO, is exactly equal to the rate of consumption of 
N»O4. Chemical equilibrium is a dynamic process: As with the swimmers 
and the sunbathers, the numbers of each remain constant, yet there is a flux 
back and forth between them ([link]). 


These jugglers provide an illustration of dynamic equilibrium. Each 
throws clubs to the other at the same rate at which he receives clubs 
from that person. Because clubs are thrown continuously in both 
directions, the number of clubs moving in each direction is constant, 


and the number of clubs each juggler has at a given time remains 
(roughly) constant. 


In a chemical equilibrium, the forward and reverse reactions do not stop, 
rather they continue to occur at the same rate, leading to constant 
concentrations of the reactants and the products. Plots showing how the 
reaction rates and concentrations change with respect to time are shown in 
[link]. 


We can detect a state of equilibrium because the concentrations of reactants 
and products do not appear to change. However, it is important that we 
verify that the absence of change is due to equilibrium and not to a reaction 
rate that is so slow that changes in concentration are difficult to detect. 


We use a double arrow when writing an equation for a reversible reaction. 
Such a reaction may or may not be at equilibrium. For example, [link] 
shows the reaction: 

Equation: 


N2O4(g) = 2NO2(q) 


When we wish to speak about one particular component of a reversible 
reaction, we use a single arrow. For example, in the equilibrium shown in 
[link], the rate of the forward reaction 

Equation: 


N2Oa(g) —> 2NO2(q) 


is equal to the rate of the backward reaction 
Equation: 


2NO2(g) —> N2Oa(g) 


Note: 

Equilibrium and Soft Drinks 

The connection between chemistry and carbonated soft drinks goes back to 
1767, when Joseph Priestley (1733-1804; mostly known today for his role 
in the discovery and identification of oxygen) discovered a method of 
infusing water with carbon dioxide to make carbonated water. In 1772, 
Priestly published a paper entitled “Impregnating Water with Fixed Air.” 
The paper describes dripping oil of vitriol (today we call this sulfuric acid, 
but what a great way to describe sulfuric acid: “oil of vitriol” literally 
means “liquid nastiness”) onto chalk (calcium carbonate). The resulting 
CO, falls into the container of water beneath the vessel in which the initial 
reaction takes place; agitation helps the gaseous CO, mix into the liquid 
water. 

Equation: 


HSO,(1) + CaCO3(s) —+ CO2(g) + H2O(l) + CaSOx(aq) 


Carbon dioxide is slightly soluble in water. There is an equilibrium 
reaction that occurs as the carbon dioxide reacts with the water to form 
carbonic acid (H»CO3). Since carbonic acid is a weak acid, it can 
dissociate into protons (H*) and hydrogen carbonate ions (HCO3_). 
Equation: 


CO2(aq) + H2O0(1) = H2CO3(aq) = HCO3 (aq) + H* (aq) 


Today, CO, can be pressurized into soft drinks, establishing the 
equilibrium shown above. Once you open the beverage container, however, 
a cascade of equilibrium shifts occurs. First, the CO> gas in the air space 
on top of the bottle escapes, causing the equilibrium between gas-phase 
CO, and dissolved or aqueous CO; to shift, lowering the concentration of 
CO, in the soft drink. Less CO, dissolved in the liquid leads to carbonic 
acid decomposing to dissolved CO» and HO. The lowered carbonic acid 
concentration causes a shift of the final equilibrium. As long as the soft 
drink is in an open container, the CO, bubbles up out of the beverage, 
releasing the gas into the air ({link]). With the lid off the bottle, the CO» 
reactions are no longer at equilibrium and will continue until no more of 


the reactants remain. This results in a soft drink with a much lowered CO> 
concentration, often referred to as “flat.” 


When a soft drink is opened, several equilibrium shifts occur. (credit: 
modification of work by “D Coetzee”/Flickr) 


Let us consider the evaporation of bromine as a second example of a system 
at equilibrium. 
Equation: 


Br2(l) = Bro(g) 


An equilibrium can be established for a physical change—like this liquid to 
gas transition—as well as for a chemical reaction. [link] shows a sample of 


liquid bromine at equilibrium with bromine vapor in a closed container. 
When we pour liquid bromine into an empty bottle in which there is no 
bromine vapor, some liquid evaporates, the amount of liquid decreases, and 
the amount of vapor increases. If we cap the bottle so no vapor escapes, the 
amount of liquid and vapor will eventually stop changing and an 
equilibrium between the liquid and the vapor will be established. If the 
bottle were not capped, the bromine vapor would escape and no equilibrium 
would be reached. 


An equilibrium is pictured between liquid bromine, Br>(/), the dark 
liquid, and bromine vapor, Bro(g), the reddish-brown gas. Because the 
container is sealed, bromine vapor cannot escape and equilibrium is 
maintained. (credit: http://images-of-elements.com/bromine.php) 


Key Concepts and Summary 


A reaction is at equilibrium when the amounts of reactants or products no 
longer change. Chemical equilibrium is a dynamic process, meaning the 
rate of formation of products by the forward reaction is equal to the rate at 
which the products re-form reactants by the reverse reaction. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: What does it mean to describe a reaction as “reversible”? 


Solution: 


The reaction can proceed in both the forward and reverse directions. 
Exercise: 
Problem: 
When writing an equation, how is a reversible reaction distinguished 
from a nonreversible reaction? 
Exercise: 
Problem: 


If a reaction is reversible, when can it be said to have reached 
equilibrium? 


Solution: 


When a system has reached equilibrium, no further changes in the 
reactant and product concentrations occur; the reactions continue to 
occur, but at equivalent rates. 


Exercise: 
Problem: 
Is a system at equilibrium if the rate constants of the forward and 
reverse reactions are equal? 
Exercise: 
Problem: 


If the concentrations of products and reactants are equal, is the system 
at equilibrium? 


Solution: 


The concept of equilibrium does not imply equal concentrations, 
though it is possible. 


Glossary 


equilibrium 
in chemical reactions, the state in which the conversion of reactants 
into products and the conversion of products back into reactants occur 
simultaneously at the same rate; state of balance 


reversible reaction 
chemical reaction that can proceed in both the forward and reverse 
directions under given conditions 


Shifting Equilibria: Le Chatelier’s Principle 
By the end of this section, you will be able to: 


e Describe the ways in which an equilibrium system can be stressed 
e Predict the response of a stressed equilibrium using Le Chatelier’s principle 


As we Saw in the previous section, reactions proceed in both directions (reactants go to 
products and products go to reactants). We can tell a reaction is at equilibrium if the 
reaction quotient (Q) is equal to the equilibrium constant (K). We next address what 
happens when a system at equilibrium is disturbed so that Q is no longer equal to K. Ifa 
system at equilibrium is subjected to a perturbance or stress (such as a change in 
concentration) the position of equilibrium changes. Since this stress affects the 
concentrations of the reactants and the products, the value of Q will no longer equal the 
value of K. To re-establish equilibrium, the system will either shift toward the products 
(if Q < K) or the reactants (if Q > K) until Q returns to the same value as K. 


This process is described by Le Chatelier's principle: When a chemical system at 
equilibrium is disturbed, it returns to equilibrium by counteracting the disturbance. As 
described in the previous paragraph, the disturbance causes a change in Q; the reaction 
will shift to re-establish Q = K. 


Predicting the Direction of a Reversible Reaction 


Le Chatelier's principle can be used to predict changes in equilibrium concentrations 
when a system that is at equilibrium is subjected to a stress. However, if we have a 
mixture of reactants and products that have not yet reached equilibrium, the changes 
necessary to reach equilibrium may not be so obvious. In such a case, we can compare 
the values of Q and K for the system to predict the changes. 


Effect of Change in Concentration on Equilibrium 


A chemical system at equilibrium can be temporarily shifted out of equilibrium by 
adding or removing one or more of the reactants or products. The concentrations of both 
reactants and products then undergo additional changes to return the system to 
equilibrium. 


The stress on the system in [link] is the reduction of the equilibrium concentration of 
SCN’ (lowering the concentration of one of the reactants would cause Q to be larger 
than K). As a consequence, Le Chatelier's principle leads us to predict that the 
concentration of Fe(SCN)** should decrease, increasing the concentration of SCN™ part 
way back to its original concentration, and increasing the concentration of Fe** above its 
initial equilibrium concentration. 


(a) (b) (c) 


(a) The test tube contains 0.1 M Fe**. (b) Thiocyanate ion has been added to 
solution in (a), forming the red Fe(SCN)** ion. 

Fe** (aq) + SCN (aq) = Fe(SCN)** (aq). (c) Silver nitrate has been added to 
the solution in (b), precipitating some of the SCN as the white solid AgSCN. 
Ag’ (aq) + SCN (aq) = AgSCN(s). The decrease in the SCN” concentration 
shifts the first equilibrium in the solution to the left, decreasing the concentration 
(and lightening color) of the Fe(SCN)**. (credit: modification of work by Mark 
Ott) 


The effect of a change in concentration on a system at equilibrium is illustrated further 
by the equilibrium of this chemical reaction: 
Equation: 


H2(g) + In(g) = 2HI(g) K. = 50.0 at 400 °C 


The numeric values for this example have been determined experimentally. A mixture of 
gases at 400 °C with [H»] = [Ip] = 0.221 M and [HI] = 1.563 M is at equilibrium; for this 
mixture, Q. = K, = 50.0. If H» is introduced into the system so quickly that its 
concentration doubles before it begins to react (new [H>] = 0.442 M), the reaction will 
shift so that a new equilibrium is reached, at which [H>] = 0.374 M, [Ip] = 0.153 M, and 
[HI] = 1.692 M. This gives: 

Equation: 


[HI? (1.692)? 


c= [H.] [Is] (0.374) (0.153) 


= 50.0 = K, 


We have stressed this system by introducing additional Hp. The stress is relieved when 
the reaction shifts to the right, using up some (but not all) of the excess H», reducing the 
amount of uncombined Iy, and forming additional HI. 


Effect of Change in Pressure on Equilibrium 


Sometimes we can change the position of equilibrium by changing the pressure of a 
system. However, changes in pressure have a measurable effect only in systems in 
which gases are involved, and then only when the chemical reaction produces a change 
in the total number of gas molecules in the system. An easy way to recognize such a 
system is to look for different numbers of moles of gas on the reactant and product sides 
of the equilibrium. While evaluating pressure (as well as related factors like volume), it 
is important to remember that equilibrium constants are defined with regard to 
concentration (for K,) or partial pressure (for Kp). Some changes to total pressure, like 
adding an inert gas that is not part of the equilibrium, will change the total pressure but 
not the partial pressures of the gases in the equilibrium constant expression. Thus, 
addition of a gas not involved in the equilibrium will not perturb the equilibrium. 


Note: 
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Check out this link to see a dramatic visual demonstration of how equilibrium changes 
with pressure changes. 


As we increase the pressure of a gaseous system at equilibrium, either by decreasing the 
volume of the system or by adding more of one of the components of the equilibrium 
mixture, we introduce a stress by increasing the partial pressures of one or more of the 
components. In accordance with Le Chatelier's principle, a shift in the equilibrium that 


reduces the total number of molecules per unit of volume will be favored because this 
relieves the stress. The reverse reaction would be favored by a decrease in pressure. 


Consider what happens when we increase the pressure on a system in which NO, Oo, 
and NO» are at equilibrium: 
Equation: 


2NO(g) + O2(g) = 2NO2(g) 


The formation of additional amounts of NO> decreases the total number of molecules in 
the system because each time two molecules of NO» form, a total of three molecules of 
NO and Op, are consumed. This reduces the total pressure exerted by the system and 
reduces, but does not completely relieve, the stress of the increased pressure. On the 
other hand, a decrease in the pressure on the system favors decomposition of NO» into 
NO and Os, which tends to restore the pressure. 


Now consider this reaction: 
Equation: 


No(g) + Oo(g) = 2NO(g) 


Because there is no change in the total number of molecules in the system during 
reaction, a change in pressure does not favor either formation or decomposition of 
gaseous nitrogen monoxide. 


Effect of Change in Temperature on Equilibrium 


Changing concentration or pressure perturbs an equilibrium because the reaction 
quotient is shifted away from the equilibrium value. Changing the temperature of a 
system at equilibrium has a different effect: A change in temperature actually changes 
the value of the equilibrium constant. However, we can qualitatively predict the effect of 
the temperature change by treating it as a stress on the system and applying Le 
Chatelier's principle. 


When hydrogen reacts with gaseous iodine, heat is evolved. 
Equation: 


Ho(g) + L(g) = 2HI(g) AH = —9.4kJ (exothermic) 


Because this reaction is exothermic, we can write it with heat as a product. 


Equation: 


Ho(g) + Io(g) = 2HI(g) + heat 


Increasing the temperature of the reaction increases the internal energy of the system. 
Thus, increasing the temperature has the effect of increasing the amount of one of the 
products of this reaction. The reaction shifts to the left to relieve the stress, and there is 
an increase in the concentration of H> and Ip and a reduction in the concentration of HI. 
Lowering the temperature of this system reduces the amount of energy present, favors 
the production of heat, and favors the formation of hydrogen iodide. 


When we change the temperature of a system at equilibrium, the equilibrium constant 
for the reaction changes. Lowering the temperature in the HI system increases the 
equilibrium constant: At the new equilibrium the concentration of HI has increased and 
the concentrations of H» and I, decreased. Raising the temperature decreases the value 
of the equilibrium constant, from 67.5 at 357 °C to 50.0 at 400 °C. 


Temperature affects the equilibrium between NO, and N>O, in this reaction 
Equation: 


N204(g) = 2NO2(g) AH = 57.20 kJ 


The positive AH value tells us that the reaction is endothermic and could be written 
Equation: 


heat + N204(g) = 2NO2(g) 


At higher temperatures, the gas mixture has a deep brown color, indicative of a 
significant amount of brown NO> molecules. If, however, we put a stress on the system 
by cooling the mixture (withdrawing energy), the equilibrium shifts to the left to supply 
some of the energy lost by cooling. The concentration of colorless N»Oy, increases, and 
the concentration of brown NO> decreases, causing the brown color to fade. 


Note: 
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This interactive animation allows you to apply Le Chatelier's principle to predict the 
effects of changes in concentration, pressure, and temperature on reactant and product 
concentrations. 


Catalysts Do Not Affect Equilibrium 


As we learned during our study of kinetics, a catalyst can speed up the rate of a reaction. 
Though this increase in reaction rate may cause a system to reach equilibrium more 
quickly (by speeding up the forward and reverse reactions), a catalyst has no effect on 
the value of an equilibrium constant nor on equilibrium concentrations. 


The interplay of changes in concentration or pressure, temperature, and the lack of an 
influence of a catalyst on a chemical equilibrium is illustrated in the industrial synthesis 
of ammonia from nitrogen and hydrogen according to the equation 

Equation: 


No(g) + 3H2(g) = 2NH3(9) 


A large quantity of ammonia is manufactured by this reaction. Each year, ammonia is 
among the top 10 chemicals, by mass, manufactured in the world. About 2 billion 
pounds are manufactured in the United States each year. 


Ammonia plays a vital role in our global economy. It is used in the production of 
fertilizers and is, itself, an important fertilizer for the growth of corn, cotton, and other 
crops. Large quantities of ammonia are converted to nitric acid, which plays an 
important role in the production of fertilizers, explosives, plastics, dyes, and fibers, and 
is also used in the steel industry. 


Note: 

Fritz Haber 

In the early 20th century, German chemist Fritz Haber ({link]) developed a practical 
process for converting diatomic nitrogen, which cannot be used by plants as a nutrient, 


to ammonia, a form of nitrogen that is easiest for plants to absorb. 
Equation: 


No(g) + 3H2(g) = 2NH3(g) 


The availability of nitrogen is a strong limiting factor to the growth of plants. Despite 
accounting for 78% of air, diatomic nitrogen (N>) is nutritionally unavailable due the 
tremendous stability of the nitrogen-nitrogen triple bond. For plants to use atmospheric 
nitrogen, the nitrogen must be converted to a more bioavailable form (this conversion is 
called nitrogen fixation). 

Haber was born in Breslau, Prussia (presently Wroclaw, Poland) in December 1868. He 
went on to study chemistry and, while at the University of Karlsruhe, he developed 
what would later be known as the Haber process: the catalytic formation of ammonia 
from hydrogen and atmospheric nitrogen under high temperatures and pressures. For 
this work, Haber was awarded the 1918 Nobel Prize in Chemistry for synthesis of 
ammonia from its elements. The Haber process was a boon to agriculture, as it allowed 
the production of fertilizers to no longer be dependent on mined feed stocks such as 
sodium nitrate. Currently, the annual production of synthetic nitrogen fertilizers 
exceeds 100 million tons and synthetic fertilizer production has increased the number 
of humans that arable land can support from 1.9 persons per hectare in 1908 to 4.3 in 
2008. 


The work of Nobel Prize 
recipient Fritz Haber 
revolutionized agricultural 
practices in the early 20th 


century. His work also 
affected wartime strategies, 
adding chemical weapons to 
the artillery. 


In addition to his work in ammonia production, Haber is also remembered by history as 
one of the fathers of chemical warfare. During World War I, he played a major role in 
the development of poisonous gases used for trench warfare. Regarding his role in these 
developments, Haber said, “During peace time a scientist belongs to the World, but 
during war time he belongs to his country.” [footnote] Haber defended the use of gas 
warfare against accusations that it was inhumane, saying that death was death, by 
whatever means it was inflicted. He stands as an example of the ethical dilemmas that 
face scientists in times of war and the double-edged nature of the sword of science. 
Herrlich, P. “The Responsibility of the Scientist: What Can History Teach Us About 
How Scientists Should Handle Research That Has the Potential to Create Harm?” 
EMBO Reports 14 (2013): 759-764. 

Like Haber, the products made from ammonia can be multifaceted. In addition to their 
value for agriculture, nitrogen compounds can also be used to achieve destructive ends. 
Ammonium nitrate has also been used in explosives, including improvised explosive 
devices. Ammonium nitrate was one of the components of the bomb used in the attack 
on the Alfred P. Murrah Federal Building in downtown Oklahoma City on April 19, 
1995: 


It has long been known that nitrogen and hydrogen react to form ammonia. However, it 
became possible to manufacture ammonia in useful quantities by the reaction of 
nitrogen and hydrogen only in the early 20th century after the factors that influence its 
equilibrium were understood. 


To be practical, an industrial process must give a large yield of product relatively 
quickly. One way to increase the yield of ammonia is to increase the pressure on the 
system in which Np, Hy, and NH3 are at equilibrium or are coming to equilibrium. 
Equation: 


N2(g) + 3H2(9) = 2NHa3(9) 
The formation of additional amounts of ammonia reduces the total pressure exerted by 
the system and somewhat reduces the stress of the increased pressure. 


Although increasing the pressure of a mixture of N>, Hy, and NH3 will increase the yield 
of ammonia, at low temperatures, the rate of formation of ammonia is slow. At room 


temperature, for example, the reaction is so slow that if we prepared a mixture of N» and 
Hb), no detectable amount of ammonia would form during our lifetime. The formation of 
ammonia from hydrogen and nitrogen is an exothermic process: 

Equation: 


N2(g) “le 3H2(g) —_ 2NH3(g) AH = —92.2kJ 


Thus, increasing the temperature to increase the rate lowers the yield. If we lower the 
temperature to shift the equilibrium to favor the formation of more ammonia, 
equilibrium is reached more slowly because of the large decrease of reaction rate with 
decreasing temperature. 


Part of the rate of formation lost by operating at lower temperatures can be recovered by 
using a catalyst. The net effect of the catalyst on the reaction is to cause equilibrium to 
be reached more rapidly. 


In the commercial production of ammonia, conditions of about 500 °C, 150-900 atm, 
and the presence of a catalyst are used to give the best compromise among rate, yield, 
and the cost of the equipment necessary to produce and contain high-pressure gases at 
high temperatures ((link]). 
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Commercial production of ammonia requires heavy equipment to handle the high 
temperatures and pressures required. This schematic outlines the design of an 
ammonia plant. 


Key Concepts and Summary 


Systems at equilibrium can be disturbed by changes to temperature, concentration, and, 
in some cases, volume and pressure; volume and pressure changes will disturb 
equilibrium if the number of moles of gas is different on the reactant and product sides 
of the reaction. The system's response to these disturbances is described by Le 
Chatelier's principle: The system will respond in a way that counteracts the disturbance. 
Not all changes to the system result in a disturbance of the equilibrium. Adding a 
catalyst affects the rates of the reactions but does not alter the equilibrium, and changing 
pressure or volume will not significantly disturb systems with no gases or with equal 
numbers of moles of gas on the reactant and product side. 


Effects of Disturbances of Equilibrium and K 


Observed 

Change as 

Equilibrium is Effect 
Disturbance Restored Direction of Shift on K 


added reactant is 


reactant added partially toward products none 
consumed 
added product is 

product added partially toward reactants none 
consumed 


decrease in 
volume/increase 
in gas pressure 


pressure toward side with fewer 


none 
decreases moles of gas 


Effects of Disturbances of Equilibrium and K 


Observed 
Change as 
Equilibrium is Effect 
Disturbance Restored Direction of Shift on K 
increase in : ‘ 
pressure toward side with more 
volume/decrease : none 
: increases moles of gas 
in gas pressure 
toward products for 
mperatur , ndothermi r 
aa cues heat is absorbed engOUIeEE Te toward changes 
increase reactants for 
exothermic 
toward reactants for 
temperature ae endothermic, toward 
heat is given off changes 
decrease products for 


exothermic 


Chemistry End of Chapter Exercises 


Exercise: 


The following equation represents a reversible decomposition: 


Problem: CaCO3(s) = CaO(s) + CO2(g) 


Under what conditions will decomposition in a closed container proceed to 
completion so that no CaCO3 remains? 


Solution: 


The amount of CaCO3 must be so small that Poo, is less than Kp when the CaCO3 
has completely decomposed. In other words, the starting amount of CaCO3 cannot 
completely generate the full Poo, required for equilibrium. 


Exercise: 
Problem: 


Explain how to recognize the conditions under which changes in pressure would 
affect systems at equilibrium. 


Exercise: 
Problem: 


What property of a reaction can we use to predict the effect of a change in 
temperature on the value of an equilibrium constant? 


Solution: 


The change in enthalpy may be used. If the reaction is exothermic, the heat 
produced can be thought of as a product. If the reaction is endothermic the heat 
added can be thought of as a reactant. Additional heat would shift an exothermic 
reaction back to the reactants but would shift an endothermic reaction to the 
products. Cooling an exothermic reaction causes the reaction to shift toward the 
product side; cooling an endothermic reaction would cause it to shift to the 
reactants’ side. 


Exercise: 
Problem: 
What would happen to the color of the solution in part (b) of [link] if a small 
amount of NaOH were added and Fe(OH); precipitated? Explain your answer. 


Exercise: 


The following reaction occurs when a burner on a gas stove is lit: 
Problem: CH4(g) + 202(g) = CO2(g) + 2H2O0(g) 


Is an equilibrium among CHy, O», CO, and H2O established under these 
conditions? Explain your answer. 


Solution: 


No, it is not at equilibrium. Because the system is not confined, products 
continuously escape from the region of the flame; reactants are also added 
continuously from the burner and surrounding atmosphere. 


Exercise: 


Problem: 


A necessary step in the manufacture of sulfuric acid is the formation of sulfur 
trioxide, SO3, from sulfur dioxide, SO, and oxygen, O», shown here. At high 
temperatures, the rate of formation of SO3 is higher, but the equilibrium amount 
(concentration or partial pressure) of SO3 is lower than it would be at lower 
temperatures. 


2802(g) + O2(g) —+ 2803(g) 


(a) Does the equilibrium constant for the reaction increase, decrease, or remain 
about the same as the temperature increases? 
(b) Is the reaction endothermic or exothermic? 
Exercise: 
Problem: 
Suggest four ways in which the concentration of hydrazine, N>Hy, could be 


increased in an equilibrium described by the following equation: 
No(g) + 2Ho(g) = NoHa(g) AH = 95kJ 


Solution: 


Add N>; add H>; decrease the container volume; heat the mixture. 
Exercise: 


Problem: 


Suggest four ways in which the concentration of PH3 could be increased in an 
equilibrium described by the following equation: 
P4(g) + 6H2(g) = 4PH3(g) A= NOS ks 


Exercise: 


Problem: 


How will an increase in temperature affect each of the following equilibria? How 
will a decrease in the volume of the reaction vessel affect each? 


(a) 2NH3(g) = N2(g) ae 3H2(g) AH = 92kJ 
(b) No(g) + Oo(g) = 2NO(g) AH = 181kJ 


(c) 203(g) = 302(g) AH = —285kJ 


(d) CaO(s) + CO2(g) = CaCO;3(s) AH = -176kJ 
Solution: 


(a) AT increase = shift right, AP increase = shift left; (b) AT increase = shift right, 
AP increase = no effect; (c) AT increase = shift left, AP increase = shift left; (d) AT 
increase = shift left, AP increase = shift right. 


Exercise: 
Problem: 


How will an increase in temperature affect each of the following equilibria? How 
will a decrease in the volume of the reaction vessel affect each? 


(a) 2H,O(g) = 2Ha(g) + Oo(g) AH = 484kJ 

(b) No(g) + 3H2(g) = 2NH3(g) AH = —92.2kJ 

(c) 2Br(g) = Bro(g) AH = —224kJ 

(d) Ho(g) + Lo(s) = 2HI1(g) AH = 53 kJ 
Exercise: 

Problem: 


Water gas is a 1:1 mixture of carbon monoxide and hydrogen gas and is called 
water gas because it is formed from steam and hot carbon in the following reaction: 
H,O(g) + C(s) = Ha(g) + CO(g). Methanol, a liquid fuel that could possibly 
replace gasoline, can be prepared from water gas and hydrogen at high temperature 
and pressure in the presence of a suitable catalyst. 


(a) Write the expression for the equilibrium constant (K,) for the reversible reaction 
2H2(g) + CO(g) = CH30H(g) AH = —90.2kJ 


(b) What will happen to the concentrations of Hy, CO, and CH3OH at equilibrium 
if more H> is added? 


(c) What will happen to the concentrations of Hy, CO, and CH3OH at equilibrium if 
CO is removed? 


(d) What will happen to the concentrations of H», CO, and CH3OH at equilibrium 
if CH30H is added? 


(e) What will happen to the concentrations of Hy, CO, and CH30H at equilibrium if 
the temperature of the system is increased? 


(f) What will happen to the concentrations of Hy, CO, and CH3OH at equilibrium if 
more catalyst is added? 


Solution: 

_ [CH3O0H] , 
(@) Be = teIcoy 
[H2] increases, [CO] decreases, [CH30H] decreases; (d), [H2] increases, [CO] 
increases, [CH3OH] increases; (e), [H2] increases, [CO] increases, [CH30H] 
decreases; (f), no changes. 


(b) [H>] increases, [CO] decreases, [CH30H] increases; (c), 


Exercise: 


Problem: Nitrogen and oxygen react at high temperatures. 


(a) Write the expression for the equilibrium constant (K,) for the reversible reaction 
N2(g) ae O2(g) = 2NO(g) AH-=T8rkI 


(b) What will happen to the concentrations of Nj, O2, and NO at equilibrium if 
more O, is added? 


(c) What will happen to the concentrations of Nj, Oz, and NO at equilibrium if N> 
is removed? 


(d) What will happen to the concentrations of N», O», and NO at equilibrium if NO 
is added? 


(e) What will happen to the concentrations of Ny, Oz, and NO at equilibrium if the 
pressure on the system is increased by reducing the volume of the reaction vessel? 


(f) What will happen to the concentrations of Nj, Oo, and NO at equilibrium if the 
temperature of the system is increased? 


(g) What will happen to the concentrations of N>, O, and NO at equilibrium if a 
catalyst is added? 

Exercise: 
Problem: 


Water gas, a mixture of H» and CO, is an important industrial fuel produced by the 
reaction of steam with red hot coke, essentially pure carbon. 


(a) Write the expression for the equilibrium constant for the reversible reaction 
C(s) + H,O(g) = CO(g) + H2(g) BH 131,30k) 


(b) What will happen to the concentration of each reactant and product at 
equilibrium if more C is added? 


(c) What will happen to the concentration of each reactant and product at 
equilibrium if H2O is removed? 


(d) What will happen to the concentration of each reactant and product at 
equilibrium if CO is added? 


(e) What will happen to the concentration of each reactant and product at 
equilibrium if the temperature of the system is increased? 


Solution: 


(a) k= Soe ; (b) [HO] no change, [CO] no change, [H>] no change; (c) 


[HzO] decreases, [CO] decreases, [H2] decreases; (d) [H2O] increases, [CO] 
increases, [H2] decreases; (f) [H2O] decreases, [CO] increases, [H2] increases. In 
(b), (c), (d), and (e), the mass of carbon will change, but its concentration (activity) 
will not change. 


Exercise: 
Problem: 


Pure iron metal can be produced by the reduction of iron(III) oxide with hydrogen 
gas. 


(a) Write the expression for the equilibrium constant (K,) for the reversible reaction 
Fe.03(s) + 3H2(g) = 2F e(s) + 3H20(g) AH = 98.7 kJ 


(b) What will happen to the concentration of each reactant and product at 
equilibrium if more Fe is added? 


(c) What will happen to the concentration of each reactant and product at 
equilibrium if H»O is removed? 


(d) What will happen to the concentration of each reactant and product at 
equilibrium if H» is added? 


(e) What will happen to the concentration of each reactant and product at 
equilibrium if the pressure on the system is increased by reducing the volume of 
the reaction vessel? 


(f) What will happen to the concentration of each reactant and product at 
equilibrium if the temperature of the system is increased? 


Exercise: 


Problem: 


Ammonia is a weak base that reacts with water according to this equation: 
NH3(aqg) + H2O(l) = NH4* (ag) + OH (aq) 


Will any of the following increase the percent of ammonia that is converted to the 
ammonium ion in water? 


(a) Addition of NaOH 
(b) Addition of HCl 
(c) Addition of NH4Cl 
Solution: 


Only (b) 
Exercise: 


Problem: 


Acetic acid is a weak acid that reacts with water according to this equation: 
CH3CO2H(aq) + H2O(aq) = H30" (ag) + CH3CO2 (aq) 


Will any of the following increase the percent of acetic acid that reacts and 
produces CH3CO,~ ion? 


(a) Addition of HCl 
(b) Addition of NaOH 


(c) Addition of NaCH3CO, 
Exercise: 
Problem: 
Suggest two ways in which the equilibrium concentration of Ag* can be reduced in a 
solution of Na*, Cl’, Ag*, and NO3_, in contact with solid AgCl. 


Na*(aq) + Cl (aq) + Ag (aq) + NO3~ (aq) = AgCl(s) + Nat (aq) + NO3 (aq) 
AH = —65.9kJ 


Solution: 


Add NaCl or some other salt that produces Cl to the solution. Cooling the solution 
forces the equilibrium to the right, precipitating more AgCl(s). 


Exercise: 


Problem: 


How can the pressure of water vapor be increased in the following equilibrium? 


Exercise: 


Problem: 


Additional solid silver sulfate, a slightly soluble solid, is added to a solution of 
silver ion and sulfate ion at equilibrium with solid silver sulfate. 
2Ag' (aq) + SO? (aq) = Ag,SOu(s) 


Which of the following will occur? 
(a) Ag* or SO,?~ concentrations will not change. 
(b) The added silver sulfate will dissolve. 


(c) Additional silver sulfate will form and precipitate from solution as Ag” ions and 
SO,7- ions combine. 


(d) The Ag* ion concentration will increase and the SO4?~ ion concentration will 
decrease. 


Solution: 


(a) 

Exercise: 
Problem: 
The amino acid alanine has two isomers, a-alanine and B-alanine. When equal 
masses of these two compounds are dissolved in equal amounts of a solvent, the 
solution of a-alanine freezes at the lowest temperature. Which form, a-alanine or B- 
alanine, has the larger equilibrium constant for ionization (HX = Ht + X~)? 


Glossary 


Le Chatelier's principle 


when a chemical system at equilibrium is disturbed, it returns to equilibrium by 
counteracting the disturbance 


position of equilibrium 
concentrations or partial pressures of components of a reaction at equilibrium 
(commonly used to describe conditions before a disturbance) 


stress 
change to a reaction's conditions that may cause a shift in the equilibrium 


Equilibrium Constants 
By the end of this section, you will be able to: 


¢ Derive reaction quotients from chemical equations representing homogeneous and 
heterogeneous reactions 

¢ Calculate values of reaction quotients and equilibrium constants, using concentrations and 
pressures 

¢ Relate the magnitude of an equilibrium constant to properties of the chemical system 


Now that we have a symbol (=) to designate reversible reactions, we will need a way to 
express mathematically how the amounts of reactants and products affect the equilibrium of the 
system. A general equation for a reversible reaction may be written as follows: 

Equation: 


mA +nB+ = 2C+ yD 


We can write the reaction quotient (Q) for this equation. When evaluated using 
concentrations, it is called Q.. We use brackets to indicate molar concentrations of reactants 
and products. 

Equation: 


The reaction quotient is equal to the molar concentrations of the products of the chemical 
equation (multiplied together) over the reactants (also multiplied together), with each 
concentration raised to the power of the coefficient of that substance in the balanced chemical 
equation. For example, the reaction quotient for the reversible reaction 2NO2(g) = N2Oa(g) 
is given by this expression: 

Equation: 


[N20,] 


Qe= NOW? 


Example: 

Writing Reaction Quotient Expressions 

Write the expression for the reaction quotient for each of the following reactions: 
(a) 302(g) = 203(g) 

(b) No(g) + 3H2(g) = 2NH3(g) 

(c) 4NH3(9) + 702(g) = 4NO2(g) + 6H20(9) 

Solution 


(a) Q.= 24 


[O.)" 
[NH,]” 
b = 
(b) Q. NEE . 
_ [NO,]"|H20] 
(C) Qe = INH,|‘[0," 
Check Your Learning 


Write the expression for the reaction quotient for each of the following reactions: 
(a) 2SO02(g) ar O2(g) = 2SO03(g) 

(b) C4Hs(g) at 2C2Ha(g) 

(c) 2C4Hi0(g) ar 1302(g) = 8CO2(g) Fr 10H20(g) 


Note: 
Answer: 


_ _[so,? _ [CHA | __ [CO,]*[H,0]!° 
(a) Qe= [SO2]”[0}] ’ ES [Cas] ’ Ces [CaHi9]"[02] 


The numeric value of Q, for a given reaction varies; it depends on the concentrations of 
products and reactants present at the time when Q, is determined. When pure reactants are 
mixed, Q, is initially zero because there are no products present at that point. As the reaction 
proceeds, the value of Q, increases as the concentrations of the products increase and the 
concentrations of the reactants simultaneously decrease ((link]). When the reaction reaches 
equilibrium, the value of the reaction quotient no longer changes because the concentrations no 


longer change. 
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(c) 


(a) The change in the concentrations of reactants and products is depicted as the 
2SO2(g) + O2(g) = 2SO03(g) reaction approaches equilibrium. (b) The change in 
concentrations of reactants and products is depicted as the reaction 
2S03(g) = 2SO2(g) + O2(g) approaches equilibrium. (c) The graph shows the change 
in the value of the reaction quotient as the reaction approaches equilibrium. 


When a mixture of reactants and products of a reaction reaches equilibrium at a given 
temperature, its reaction quotient always has the same value. This value is called the 
equilibrium constant (K) of the reaction at that temperature. As for the reaction quotient, 
when evaluated in terms of concentrations, it is noted as K,. 


That a reaction quotient always assumes the same value at equilibrium can be expressed as: 
Equation: 


[C}"[D}... 


Q,at equilibrium = K, = 
[A]™[B]”... 


This equation is a mathematical statement of the law of mass action: When a reaction has 
attained equilibrium at a given temperature, the reaction quotient for the reaction always has 
the same value. 


Example: 

Evaluating a Reaction Quotient 

Gaseous nitrogen dioxide forms dinitrogen tetroxide according to this equation: 
Equation: 


2NO2(g) = N2Oa(g) 


When 0.10 mol NO, is added to a 1.0-L flask at 25 °C, the concentration changes so that at 
equilibrium, [NO,] = 0.016 M and [N04] = 0.042 M. 

(a) What is the value of the reaction quotient before any reaction occurs? 

(b) What is the value of the equilibrium constant for the reaction? 

Solution 

(a) Before any product is formed, [NO] = Jel = 0.10 M, and [N,O,] = 0 M. Thus, 
Equation: 


N20.) 0 


= =f) 
[INO,]? —:0.10? 


Q-= 


(b) At equilibrium, the value of the equilibrium constant is equal to the value of the reaction 


quotient. At equilibrium, K, = Q,. = a : = mate = 1.6 x 10%. The equilibrium 
5 


constant is 1.6 x 102. 

Note that dimensional analysis would suggest the unit for this K, value should be M1. 
However, it is common practice to omit units for K, values computed as described here, since 
it is the magnitude of an equilibrium constant that relays useful information. As will be 
discussed later in this module, the rigorous approach to computing equilibrium constants uses 
dimensionless quantities derived from concentrations instead of actual concentrations, and so 
K, values are truly unitless. 

Check Your Learning 

For the reaction 2SO2(g) + O2(g) = 2SO03(g), the concentrations at equilibrium are [SO.] = 
0.90 M, [Oz] = 0.35 M, and [SO3] = 1.1 M. What is the value of the equilibrium constant, K,? 


Note: 
Answer: 
Ke = 4.3 


The magnitude of an equilibrium constant is a measure of the yield of a reaction when it 
reaches equilibrium. A large value for K, indicates that equilibrium is attained only after the 
reactants have been largely converted into products. A small value of K.—much less than 1— 
indicates that equilibrium is attained when only a small proportion of the reactants have been 
converted into products. 


Once a value of K; is known for a reaction, it can be used to predict directional shifts when 
compared to the value of Q,. A system that is not at equilibrium will proceed in the direction 
that establishes equilibrium. The data in [link] illustrate this. When heated to a consistent 
temperature, 800 °C, different starting mixtures of CO, H20, CO2, and Hp? react to reach 
compositions adhering to the same equilibrium constant (the value of Q, changes until it equals 
the value of K,). This value is 0.640, the equilibrium constant for the reaction under these 
conditions. 

Equation: 


CO(g) + H20(g) = CO2(g) + Ho(g) K, = 0.640 T= 800°C 


It is important to recognize that an equilibrium can be established starting either from reactants 
or from products, or from a mixture of both. For example, equilibrium was established from 
Mixture 2 in [link] when the products of the reaction were heated in a closed container. In fact, 
one technique used to determine whether a reaction is truly at equilibrium is to approach 
equilibrium starting with reactants in one experiment and starting with products in another. If 
the same value of the reaction quotient is observed when the concentrations stop changing in 
both experiments, then we may be certain that the system has reached equilibrium. 


Before reaction At equilibrium 
0.10 
0.08 
= = 
iS § 0.06 
s s 
c rat 
8 8 0.04 
Cc Cc 
fo) {o) 
_ O 0.00909 
0.02 
0.0231 
0.00 
Mixture 1 Mixture 2 Mixture 3 Mixture 1 Mixture 2 Mixture 3 


Concentrations of three mixtures are shown before and after reaching equilibrium at 800 
°C for the so-called water gas shift reaction: CO(g) + H2O(g) = COoe(g) + Ho(g). 


Example: 

Predicting the Direction of Reaction 

Given here are the starting concentrations of reactants and products for three experiments 
involving this reaction: 

Equation: 


CO(g) + H2O(g) = CO2(g) + H2(g) 
Equation: 
Kk, = 0.64 


Determine in which direction the reaction proceeds as it goes to equilibrium in each of the 
three experiments shown. 


Reactants/Products Experiment 1 Experiment 2 Experiment 3 
[CO]; 0.0203 M 0.011 M 0.0094 M 
[HO]; 0.0203 M 0.0011 M 0.0025 M 
[CO>]; 0.0040 M 0.037 M 0.0015 M 
[H>]; 0.0040 M 0.046 M 0.0076 M 

Solution 

Experiment 1: 

Equation: 


_ [COs] [Hz] _ (0.0040)(0.0040) _ 
vee [CO] [H20] —_— (0.0203)(0.0203) ses 


Q, < K, (0.039 < 0.64) 

The reaction will shift to the right. 
Experiment 2: 

Equation: 


— [CO.] [Hx] __(0.037)(0.046) , 
= 760] [H,0] ~ (0.011)(0.0011) ~ ** x 1° 


Q. > K, (140 > 0.64) 
The reaction will shift to the left. 


Experiment 3: 
Equation: 
[CO2] [H2] _ (0.0015)(0.0076) _ 


[CO] [H2O] ~— (0.0094) (0.0025) mes 


Q.= 


Q, < K; (0.48 < 0.64) 

The reaction will shift to the right. 

Check Your Learning 

Calculate the reaction quotient and determine the direction in which each of the following 
reactions will proceed to reach equilibrium. 

(a) A 1.00-L flask containing 0.0500 mol of NO(g), 0.0155 mol of Cl2(g), and 0.500 mol of 
NOCI: 


Equation: 
2NO(g) + Clo(g) = 2NOCI(g) K,=4.6 x 104 

(b) A 5.0-L flask containing 17 g of NH3, 14 g of No, and 12 g of Hp: 
Equation: 

No(g) + 3Ho(g) = 2NH3(g) Kk, = 0.060 
(c) A 2.00-L flask containing 230 g of SO3(g): 
Equation: 

2803(g) = 2S02(g) ar O2(g) K, = 0.230 
Note: 
Answer: 


(a) Q. =6.45 x 102, shifts right. (b) Q, = 0.23, shifts left. (c) Q, = 0, shifts right 


In [link], it was mentioned that the common practice is to omit units when evaluating reaction 
quotients and equilibrium constants. It should be pointed out that using concentrations in these 
computations is a convenient but simplified approach that sometimes leads to results that 
seemingly conflict with the law of mass action. For example, equilibria involving aqueous ions 
often exhibit equilibrium constants that vary quite significantly (are not constant) at high 
solution concentrations. This may be avoided by computing K, values using the activities of 
the reactants and products in the equilibrium system instead of their concentrations. The 
activity of a substance is a measure of its effective concentration under specified conditions. 


While a detailed discussion of this important quantity is beyond the scope of an introductory 
text, it is necessary to be aware of a few important aspects: 


e Activities are dimensionless (unitless) quantities and are in essence “adjusted” 
concentrations. 

¢ For relatively dilute solutions, a substance's activity and its molar concentration are 
roughly equal. 

¢ Activities for pure condensed phases (solids and liquids) are equal to 1. 


As a consequence of this last consideration, Q, and K, expressions do not contain terms for 
solids or liquids (being numerically equal to 1, these terms have no effect on the expression's 
value). Several examples of equilibria yielding such expressions will be encountered in this 
section. 


Homogeneous Equilibria 


A homogeneous equilibrium is one in which all of the reactants and products are present in a 
single solution (by definition, a homogeneous mixture). In this chapter, we will concentrate on 
the two most common types of homogeneous equilibria: those occurring in liquid-phase 
solutions and those involving exclusively gaseous species. Reactions between solutes in liquid 
solutions belong to one type of homogeneous equilibria. The chemical species involved can be 
molecules, ions, or a mixture of both. Several examples are provided here. 

Equation: 


C2H2B 
C2H2(aq) + 2Br2(aq) = C2H.Br4(aq) K. ix Jee 
[CoH] [Bro] 
Equation: 
I,(aq) =P I (aq) —_ Iz (aq) K. 45 is] 
[12] [I] 
Equation: 


Hg,”* (aq) + NO3 (aq) + 3H30* (ag) = 2Hg?*(aq) + HNO2(aq) + 4H20(1) 


Equation: 
" — [Hg,2+][NO3-][H,0*} 
Equation: 
HF (aq) + H2O(l) = H3O0*(aq) + F- (aq) oe [H30*] [F7] 


Equation: 


[NH,7] [OH] 
[NHs3] 


NH3(aq) + H2O(1) = NH,4*(aq) + OH (aq) K.= 


In each of these examples, the equilibrium system is an aqueous solution, as denoted by the aq 
annotations on the solute formulas. Since H,O(/) is the solvent for these solutions, its 
concentration does not appear as a term in the K, expression, as discussed earlier, even though 
it may also appear as a reactant or product in the chemical equation. 


Reactions in which all reactants and products are gases represent a second class of 
homogeneous equilibria. We use molar concentrations in the following examples, but we will 
see shortly that partial pressures of the gases may be used as well. 


Equation: 
C2H¢(g) = CoHa(g) + Ha(g) Ke= a 

Equation: 

- _ [03]" 

302(g) = 203(g) Ke= (03)? 
Equation: 

. __ (NH? 
N2(g) + 3H2(g) = 2NHa(9) Ke= EN] [EE] 
Equation: 
Z [(CO2}"[H20]" 
C3H¢(g) + 5Oo(g) = 3CO2(g) + 4H2O(g) (C,H, (0,)° 


Note that the concentration of H»O(g) has been included in the last example because water is 
not the solvent in this gas-phase reaction and its concentration (and activity) changes. 


Whenever gases are involved in a reaction, the partial pressure of each gas can be used instead 
of its concentration in the equation for the reaction quotient because the partial pressure of a 
gas is directly proportional to its concentration at constant temperature. This relationship can 
be derived from the ideal gas equation, where M is the molar concentration of gas, +-. 


Equation: 


PV =nRT 


Equation: 


Equation: 


= MRT 


Thus, at constant temperature, the pressure of a gas is directly proportional to its concentration. 


Using the partial pressures of the gases, we can write the reaction quotient for the system 
C2H¢6(g) = C2H4(g) + Ho(g) by following the same guidelines for deriving concentration- 
based expressions: 

Equation: 


Pown,Pa, 
Pou; 


Qp= 


In this equation we use Qp» to indicate a reaction quotient written with partial pressures: Po,H, 
is the partial pressure of C)H¢; Py,, the partial pressure of Hy; and Po,y,, the partial pressure 
of CjHy. At equilibrium: 

Equation: 


Pon, Pa, 
Po.H, 


The subscript P in the symbol Kp designates an equilibrium constant derived using partial 
pressures instead of concentrations. The equilibrium constant, Kp, is still a constant, but its 
numeric value may differ from the equilibrium constant found for the same reaction by using 
concentrations. 


Conversion between a value for K;,, an equilibrium constant expressed in terms of 
concentrations, and a value for Kp, an equilibrium constant expressed in terms of pressures, is 
straightforward (a K or Q without a subscript could be either concentration or pressure). 


The equation relating K, and Kp is derived as follows. For the gas-phase reaction 
mA+nB =2C + yD: 
Equation: 


(Po)"(Pp)" 


| emg ee ce 
(Pa)"(Pp)" 


Equation: 


Equation: 
_ [err | (en 
[AJ"[B]" (RT) 

Equation: 
= K,( RT)@t)—(r4n) 

Equation: 


= K(RT)*" 


The relationship between K, and Kp is 
Equation: 


Kp=K(RT)™ 


In this equation, An is the difference between the sum of the coefficients of the gaseous 
products and the sum of the coefficients of the gaseous reactants in the reaction (the change in 
moles of gas between the reactants and the products). For the gas-phase reaction 

mA +nB = «C+ yD, we have 

Equation: 


An = (x+y) — (m+n) 


Example: 

Calculation of Kp 

Write the equations for the conversion of K; to Kp for each of the following reactions: 
(a) CoH6(g) = C2Ha(g) + Ho(g) 

(b) CO(g) + H2O(g) = CO2(g) + He(g) 

(c) No(g) + 3H2(g) = 2NH3(g) 

(d) K, is equal to 0.28 for the following reaction at 900 °C: 

Equation: 


CS2(g) + 4H2(g) = CHu(g) + 2H2S(g) 


What is Kp at this temperature? 
Solution 


(a) An=(2)~- (1) =1 

Kp = K, (RE) =K, (RT)! = K, (RT) 
(b) An= (2) ~ (2) =0 

Kp = K, (RT)" =K, (RT)° =K, 

(c) An= (2) -(1+3)=-2 


Kp = Ke (RT)™" = Ke (RT)? = Gam 


(d) Kp — kK; (RV) = (0.28)[(0,0821)(1173)) > = 3.0 x 10° 

Check Your Learning 

Write the equations for the conversion of K, to Kp for each of the following reactions, which 
occur in the gas phase: 

(a) 2SO2(g) ar Oo(g) = 2SO03(g) 

(d) At 227 °C, the following reaction has K, = 0.0952: 

Equation: 


CH30H(g) = CO(g) + 2H2(g) 


What would be the value of Kp at this temperature? 


Note: 
Answer: 
(a) Kp= K, (RT): (b) Kp = K, (RT); (c) Kp = K; (RT); (d) 160 or 1.6 x 102 


Heterogeneous Equilibria 

A heterogeneous equilibrium is a system in which reactants and products are found in two or 
more phases. The phases may be any combination of solid, liquid, or gas phases, and solutions. 
When dealing with these equilibria, remember that solids and pure liquids do not appear in 
equilibrium constant expressions (the activities of pure solids, pure liquids, and solvents are 1). 


Some heterogeneous equilibria involve chemical changes; for example: 
Equation: 


PbCl,(s) = Pb?+(aq) + 2CI-(aq) K, = [Pb] [Cr] 


Equation: 


CaO(s) + COo(g) = CaCO3(s) kK.= 


Equation: 


C(s) + 28(g) = CSa(g) ie 


Other heterogeneous equilibria involve phase changes, for example, the evaporation of liquid 
bromine, as shown in the following equation: 
Equation: 


Br2(l) = Bro(g) K, = [Bro] 


We can write equations for reaction quotients of heterogeneous equilibria that involve gases, 
using partial pressures instead of concentrations. Two examples are: 


Equation: 
CaO(s) + CO2(g) = CaCO3(s) Kp= : 
Poo, 
Equation: 
nr Pes, 
C(s) + 28(g) = CS2(g) Kp= , 
(Ps) 


Key Concepts and Summary 


For any reaction that is at equilibrium, the reaction quotient Q is equal to the equilibrium 
constant K for the reaction. If a reactant or product is a pure solid, a pure liquid, or the solvent 
in a dilute solution, the concentration of this component does not appear in the expression for 
the equilibrium constant. At equilibrium, the values of the concentrations of the reactants and 
products are constant. Their particular values may vary depending on conditions, but the value 
of the reaction quotient will always equal K (K, when using concentrations or Kp when using 
partial pressures). 


A homogeneous equilibrium is an equilibrium in which all components are in the same phase. 
A heterogeneous equilibrium is an equilibrium in which components are in two or more 
phases. We can decide whether a reaction is at equilibrium by comparing the reaction quotient 
with the equilibrium constant for the reaction. 


Key Equations 
= aBr where mA + nB = 2C + yD 


° Qp= nua where mA + nB = 2C + yD 


° P=MRT 
* Kp=K,(RT)™ 


Chemistry End of Chapter Exercises 


Exercise: 
Problem: 
Explain why there may be an infinite number of values for the reaction quotient of a 


reaction at a given temperature but there can be only one value for the equilibrium 
constant at that temperature. 


Exercise: 
Problem: 


Explain why an equilibrium between Br,(/) and Bro(g) would not be established if the 
container were not a closed vessel shown in [link]. 


Solution: 


Equilibrium cannot be established between the liquid and the gas phase if the top is 
removed from the bottle because the system is not closed; one of the components of the 
equilibrium, the Br. vapor, would escape from the bottle until all liquid disappeared. 
Thus, more liquid would evaporate than can condense back from the gas phase to the 
liquid phase. 

Exercise: 


Problem: 
If you observe the following reaction at equilibrium, is it possible to tell whether the 


reaction started with pure NO> or with pure N»O4? 
2NO2(9) = N20a(g) 


Exercise: 
Problem: 


Among the solubility rules previously discussed is the statement: All chlorides are soluble 
except HgoCly, AgCl, PbCly, and CuCl. 


(a) Write the expression for the equilibrium constant for the reaction represented by the 
equation AgCl(s) = Ag*(aq) + Cl (aq). Is K,> 1, < 1, or 1? Explain your answer. 


(b) Write the expression for the equilibrium constant for the reaction represented by the 
equation Pb** (aq) + 2Cl (aq) = PbCly(s). Is K, > 1, <1, or ¥ 1? Explain your 
answer. 


Solution: 


(a) K, = [Ag*][Cl] < 1. AgCl is insoluble; thus, the concentrations of ions are much less 


than 1 M; (b) K, = ee > 1 because PbCl) is insoluble and formation of the solid 


will reduce the concentration of ions to a low level (<1 M). 
Exercise: 


Problem: 


Among the solubility rules previously discussed is the statement: Carbonates, phosphates, 
borates, and arsenates—except those of the ammonium ion and the alkali metals—are 
insoluble. 


(a) Write the expression for the equilibrium constant for the reaction represented by the 
equation CaCO3(s) = Ca?*(aq) + CO3” (aq). Is K- > 1, < 1, or * 1? Explain your 
answer. 


(b) Write the expression for the equilibrium constant for the reaction represented by the 
equation 3Ba”* (aq) + 2PO,°- (aq) = Ba3z(POs),(s). Is K. > 1, < 1, or ¥ 1? Explain 
your answer. 


Exercise: 
Problem: 
Benzene is one of the compounds used as octane enhancers in unleaded gasoline. It is 
manufactured by the catalytic conversion of acetylene to benzene: 


3C2H2(g) —> CeHe(g). Which value of K, would make this reaction most useful 
commercially? K, * 0.01, K.* 1, or K, * 10. Explain your answer. 


Solution: 
Since kK, = ons , a value of K, * 10 means that CgH¢ predominates over C>Hp>. In such 
212 
a case, the reaction would be commercially feasible if the rate to equilibrium is suitable. 
Exercise: 
Problem: 


Show that the complete chemical equation, the total ionic equation, and the net ionic 
equation for the reaction represented by the equation KI(aq) + I:(aq) = KI3(aq) give 
the same expression for the reaction quotient. KI; is composed of the ions K* and I3~. 


Exercise: 
Problem: 


For a titration to be effective, the reaction must be rapid and the yield of the reaction must 
essentially be 100%. Is K, > 1, < 1, or ¥ 1 for a titration reaction? 


Solution: 


K.>1 
Exercise: 


Problem: 


For a precipitation reaction to be useful in a gravimetric analysis, the product of the 
reaction must be insoluble. Is K, > 1, < 1, or ¥ 1 for a useful precipitation reaction? 


Exercise: 


Problem: 


Write the mathematical expression for the reaction quotient, Q., for each of the following 
reactions: 


(a) CHu(g) + Clo(g) = CH3Cl(g) + HCl(g) 
(b) No(g) + O2(g) = 2NO(g) 

(c) 2SO2(g) + O2(g) = 2803(9) 

(d) BaSO3(s) = BaO(s) + SO2(g) 

(e) Pa(g) + 502(g) = PsOi0(s) 

(f) Bro(g) = 2Br(g) 

(g) CHa(g) + 202(g) = CO2(g) + 2H20(1) 
(h) CuSO4-5H20(s) = CuSOx4(s) + 5H20(g) 


Solution: 


__ [CH3Cl|[HCl] , = [NO]? [SO3]” ; 
(a) Q- a Tease (b) Qc ~~ IN] [O03] } (c) Q-= — [S02 i Boqioq° ) (d) Qc = [SO2]; (e) 


—_— {Br)’ , [CO] 7 S 5 
Qe = [Pa] o; {Pa][O2]® i) Qe= {Bro} (8) Qe = [CHJ[O2)? (h) Q, = [H20] 
Exercise: 
Problem: 


Write the mathematical expression for the reaction quotient, Q,, for each of the following 
reactions: 


(a) No(g) + 3H2(g) = 2NH3(q) 


(b) 4NH3(g) + 502(g) = 4NO(g) + 6H2O0(g) 


(c) N2O4(g) = 2NO2(g) 

(d) CO2(g) + Ha(g) = CO(g) + H20(g) 

(ec) NH4Cl(s) = NH3(g) + HCl(q) 

(f) 2Pb(NO3)o(s) = 2PbO(s) + 4NOo(g) + Oo(g) 
(g) 2H(g) + Oo(g) = 2H,0(7) 


(h) Ss(g) = 8S(g) 
Exercise: 
Problem: 
The initial concentrations or pressures of reactants and products are given for each of the 


following systems. Calculate the reaction quotient and determine the direction in which 
each system will proceed to reach equilibrium. 


(a) 2NH3(g) = N2(g) + 3H2(g) K, = 17; [NH] = 0.20 M, [No] = 1.00 M, 
[H}] = 1.00 M 
(b) 2NH3(g) = No(g) + 3H2(g) Kp =6.8 x 10%; initial pressures: NH3 = 


3.0 atm, N> = 2.0 atm, Hy = 1.0 atm 


(c) 2S03(g) = 2802(g) + O2(g) K, = 0.230; [SOs] = 0.00 M, [SOs] = 
1.00 M, [O2] = 1.00 M 


(d) 2SO3(g) = 2SO2(g) + O2(g) Kp = 16.5; initial pressures: SO3 = 1.00 
atm, SO2 = 1.00 atm, O2 = 1.00 atm 


(e) 2NO(g) + Ch(g) = 2NOCI(g) K.=4.6 x 104; [NO] = 1.00 M, [Cl] 
= 1.00 M, [NOCI] = 0 M 


(f) No(g) + Oo(g) = 2NO(g) Kp = 0.050; initial pressures: NO = 10.0 
atm, N» =O» =5 atm 


Solution: 
(a) Q, 25 proceeds left; (b) Qp 0.22 proceeds right; (c) Q, undefined proceeds left; (d) Qp 
1.00 proceeds right; (e) Qp 0 proceeds right; (f) Q, 4 proceeds left 
Exercise: 
Problem: 
The initial concentrations or pressures of reactants and products are given for each of the 


following systems. Calculate the reaction quotient and determine the direction in which 
each system will proceed to reach equilibrium. 


(a) 2NH3(g) = No(g) + 3Ha(g) K. = 17; [NH] = 0.50 M, [No] = 0.15 M, 
[Hy] = 0.12 M 


(b) 2NH3(g) = Na(g) + 3H2(g) Kp =6.8 x 107; initial pressures: NH3 = 
2.00 atm, N» = 10.00 atm, Hz = 10.00 atm 
(c) 2803(g) = 280,(g) + O2(g) K, = 0.230; [SO3] = 2.00 M, [SO,] = 
2.00 M, [O2] = 2.00 M 
(d) 2SO3(g) = 2SO2(g) + O2(g) Kp = 6.5 atm; initial pressures: SO» = 
1.00 atm, O> = 1.130 atm, SO3 = 0 atm 
(e) 2NO(g) + Cla(g) = 2NOCI(g) Kp=2.5 x 10°; initial pressures: NO 
= 1.00 atm, Cl, = 1.00 atm, NOCI = 0 atm 
(f) No(g) + Oo(g) = 2NO(g) K, = 0.050; [Ny] = 0.100 M, [O>] = 0.200 M, 
[NO] = 1.00 M 

Exercise: 


The following reaction has Kp = 4.50 x 10° at 720 K. 
Problem: N2(g) + 3H2(g) = 2NH3(g) 


If a reaction vessel is filled with each gas to the partial pressures listed, in which direction 
will it shift to reach equilibrium? P(NH3) = 93 atm, P(N>) = 48 atm, and P(H>) = 52 


Solution: 


The system will shift toward the reactants to reach equilibrium. 
Exercise: 

Problem: 

Determine if the following system is at equilibrium. If not, in which direction will the 

system need to shift to reach equilibrium? 

SO2Cl(g) = SO2(g) + Ch(g) 

[SO2Cly] = 0.12 M, [Cl2] = 0.16 M and [SO2] = 0.050 M. K; for the reaction is 0.078. 
Exercise: 

Problem: 


Which of the systems described in [link] give homogeneous equilibria? Which give 
heterogeneous equilibria? 


Solution: 


(a) homogenous; (b) homogenous; (c) homogenous; (d) heterogeneous; (e) heterogeneous; 
(f) homogenous; (g) heterogeneous; (h) heterogeneous 


Exercise: 
Problem: 
Which of the systems described in [link] give homogeneous equilibria? Which give 
heterogeneous equilibria? 
Exercise: 
Problem: 


For which of the reactions in [link] does K, (calculated using concentrations) equal Kp 
(calculated using pressures)? 


Solution: 


This situation occurs in (a) and (b). 
Exercise: 
Problem: 
For which of the reactions in [link] does K, (calculated using concentrations) equal Kp 
(calculated using pressures)? 


Exercise: 


Problem: Convert the values of K, to values of Kp or the values of Kp to values of Ke. 


(a) No(g) + 3Ho(g) = 2NH3(g) K, = 0.50 at 400 °C 

(b) H(g) + In(g) = 2HI(g) K, = 50.2 at 448 °C 

(c) 

Na2SO4-10H20(s) = Na2SO4(s) + 10H2O0(g) Kp = 4.08 x 10~* at 25 °C 
(d) H,O(l) = H,O(g) Kp = 0.122 at 50°C 

Solution: 


(a) Kp=1,6 & 10°*;\(b) Kp ='50,2; (©) Ke = 5.31 X 10°; (d) K-= 4.60 x 10° 


Exercise: 


Problem: Convert the values of K, to values of Kp or the values of Kp to values of Ke. 


(a) Clo(g) + Bro(g) = 2BrCl(g) K,.=4.7 x 10 7at 25 °C 


(b) 2502(g) + O2(g) = 2SO3(g) Kp = 48.2 at 500°C 


(c) CaCly-6HO(s) = CaClo(s) + 6H20(g) Kp=5.09 * 10-“at 25°C 
(d) H,O(1) = H,O(g) Kp = 0.196 at 60 °C 

Exercise: 
Problem: 


What is the value of the equilibrium constant expression for the change 
H,O(1) = H2O(g) at 30 °C? (See Appendix E.) 


Solution: 


Kp = Pao = 0.042. 
Exercise: 
Problem: 
Write the expression of the reaction quotient for the ionization of HOCN in water. 


Exercise: 


Problem: Write the reaction quotient expression for the ionization of NH3 in water. 


Solution: 


_ [NH,[OH] 
Q. a THING] 


Exercise: 
Problem: 
What is the approximate value of the equilibrium constant Kp for the change 
C2H50C2H5(1) = C2H5O0C2Hs(g) at 25 °C. (Vapor pressure was described in the 


previous chapter on liquids and solids; refer back to this chapter to find the relevant 
information needed to solve this problem.) 


Glossary 


equilibrium constant (K) 
value of the reaction quotient for a system at equilibrium 


heterogeneous equilibria 
equilibria between reactants and products in different phases 


homogeneous equilibria 


equilibria within a single phase 


equilibrium constant for reactions based on concentrations of reactants and products 


Kp 
equilibrium constant for gas-phase reactions based on partial pressures of reactants and 
products 


law of mass action 
when a reversible reaction has attained equilibrium at a given temperature, the reaction 
quotient remains constant 


reaction quotient (Q) 
ratio of the product of molar concentrations (or pressures) of the products to that of the 
reactants, each concentration (or pressure) being raised to the power equal to the 
coefficient in the equation 


Equilibrium Calculations 
By the end of this section, you will be able to: 


e Write equations representing changes in concentration and pressure for chemical species in equilibrium 
systems 
e Use algebra to perform various types of equilibrium calculations 


We know that at equilibrium, the value of the reaction quotient of any reaction is equal to its equilibrium constant. 
Thus, we can use the mathematical expression for Q to determine a number of quantities associated with a reaction 
at equilibrium or approaching equilibrium. While we have learned to identify in which direction a reaction will 
shift to reach equilibrium, we want to extend that understanding to quantitative calculations. We do so by 
evaluating the ways that the concentrations of products and reactants change as a reaction approaches equilibrium, 
keeping in mind the stoichiometric ratios of the reaction. This algebraic approach to equilibrium calculations will 
be explored in this section. 


Changes in concentrations or pressures of reactants and products occur as a reaction system approaches 
equilibrium. In this section we will see that we can relate these changes to each other using the coefficients in the 
balanced chemical equation describing the system. We use the decomposition of ammonia as an example. 


On heating, ammonia reversibly decomposes into nitrogen and hydrogen according to this equation: 
Equation: 


2NH3(g) = No(g) + 3H2(9) 


If asample of ammonia decomposes in a closed system and the concentration of N> increases by 0.11 M, the 
change in the N> concentration, A[N>], the final concentration minus the initial concentration, is 0.11 M. The 
change is positive because the concentration of N> increases. 


The change in the H» concentration, A[H>], is also positive—the concentration of H» increases as ammonia 
decomposes. The chemical equation tells us that the change in the concentration of H2 is three times the change in 
the concentration of N» because for each mole of N> produced, 3 moles of H» are produced. 

Equation: 


A |H9] = 3.x A [Ng] 
Equation: 


=3 x (0.11M) =0.33M 


The change in concentration of NH3, A[NHs], is twice that of A[N>]; the equation indicates that 2 moles of NH3 
must decompose for each mole of N5 formed. However, the change in the NH3 concentration is negative because 
the concentration of ammonia decreases as it decomposes. 

Equation: 


A [NH3] = —2 x A[N,] = —2 x (0.11. M) = —0.22M 


We can relate these relationships directly to the coefficients in the equation 
Equation: 


2NH3(g) = N2(g) + 3H2(9) 


Note that all the changes on one side of the arrows are of the same sign and that all the changes on the other side of 
the arrows are of the opposite sign. 


If we did not know the magnitude of the change in the concentration of N», we could represent it by the symbol x. 
Equation: 


A [No] =2Z 
The changes in the other concentrations would then be represented as: 
Equation: 
A {Ha| = 3x A [Ng] = 32 


Equation: 


The coefficients in the A terms are identical to those in the balanced equation for the reaction. 
Equation: 


2NH3(9) = No(g) + 3Ha(g) 


—22 x 3a 


The simplest way for us to find the coefficients for the concentration changes in any reaction is to use the 
coefficients in the balanced chemical equation. The sign of the coefficient is positive when the concentration 
increases; it is negative when the concentration decreases. 


Example: 
Determining Relative Changes in Concentration 
Complete the changes in concentrations for each of the following reactions. 


(a) C2H2(9)+ 2Br2(g) = C2H2Bra(q) 
L 
(b) I,(aq)+ I(aq) = oe 
(c) C3Hs(9)+ 5O02(g) = 3CO2(g)+ 4H20(g) 
x 
Solution 
(a C2Ha(g)+ 2Bro(g) = C2H2Bra(g) 
x Paa8 —2x£ 
(b) I,(ag)+ I-(aq) = 137 (aq) 
—2£ —2£ ae 
CsHs(g)+ 502(g) = 3CO2(g)+ 4H20(g) 
(c) 
x aye —32 —4z 
Check Your Learning 


Complete the changes in concentrations for each of the following reactions: 
(ay 2802(g)+ O2(g) =~ 280s(g) 

4 5 
C4Hs(g) = 2C2H4(g) 

—27 


(b) 


lente) 7TH20(g) = 4NO2(g)+ 6H20(g) 


Note: 
Answer: 
(@) 2S 2 2S (D) 2%, =e (@) Bs, Ts, =A, Oe OF A, = TRS AS OR 


Calculations Involving Equilibrium Concentrations 


Because the value of the reaction quotient of any reaction at equilibrium is equal to its equilibrium constant, we 
can use the mathematical expression for Q, (i.e., the law of mass action) to determine a number of quantities 
associated with a reaction at equilibrium. It may help if we keep in mind that Q, = K; (at equilibrium) in all of 
these situations and that there are only three basic types of calculations: 


1. Calculation of an equilibrium constant. If concentrations of reactants and products at equilibrium are 
known, the value of the equilibrium constant for the reaction can be calculated. 

2. Calculation of missing equilibrium concentrations. If the value of the equilibrium constant and all of the 
equilibrium concentrations, except one, are known, the remaining concentration can be calculated. 

3. Calculation of equilibrium concentrations from initial concentrations. If the value of the equilibrium 
constant and a set of concentrations of reactants and products that are not at equilibrium are known, the 
concentrations at equilibrium can be calculated. 


A similar list could be generated using Qp, Kp, and partial pressure. We will look at solving each of these cases in 
sequence. 


Calculation of an Equilibrium Constant 


In order to calculate an equilibrium constant, enough information must be available to determine the equilibrium 
concentrations of all reactants and products. Armed with the concentrations, we can solve the equation for K,, as it 
will be the only unknown. 


[link] showed us how to determine the equilibrium constant of a reaction if we know the concentrations of 
reactants and products at equilibrium. The following example shows how to use the stoichiometry of the reaction 
and a combination of initial concentrations and equilibrium concentrations to determine an equilibrium constant. 
This technique, commonly called an ICE chart—for Initial, Change, and Equilibrium—will be helpful in solving 
many equilibrium problems. A chart is generated beginning with the equilibrium reaction in question. The initial 
concentrations of the reactants and products are provided in the first row of the ICE table (these essentially time- 
zero concentrations that assume no reaction has taken place). The next row of the table contains the changes in 
concentrations that result when the reaction proceeds toward equilibrium (don’t forget to account for the reaction 
stoichiometry). The last row contains the concentrations once equilibrium has been reached. 


Example: 

Calculation of an Equilibrium Constant 

Iodine molecules react reversibly with iodide ions to produce triiodide ions. 
Equation: 


Ip(aq) + I” (aq) = 137 (aq) 


If a solution with the concentrations of Ip and I” both equal to 1.000 x 107° M before reaction gives an 
equilibrium concentration of Ip of 6.61 x 1074 M, what is the equilibrium constant for the reaction? 

Solution 

We will begin this problem by calculating the changes in concentration as the system goes to equilibrium. Then 
we determine the equilibrium concentrations and, finally, the equilibrium constant. First, we set up a table with 
the initial concentrations, the changes in concentrations, and the equilibrium concentrations using —x as the 
change in concentration of I. 


Ser 


Equilibrium 
concentration (M) 


Since the equilibrium concentration of I is given, we can solve for x. At equilibrium the concentration of I» is 
6.61 x 10-4 M so that 


Equation: 

1.000 x 10°?-2z=6.61 x 107+ 
Equation: 

z= 1.000 x 10°?-6.61 x 104 
Equation: 


= 3.39 x 104M 


Now we can fill in the table with the concentrations at equilibrium. 


Initial concentration (M) 1.000 x 10° 1.000 x 107% Lae 


Equilibrium concentration (M) 6.61 x 10+ 661:x 10" 13.39.10" 


We now calculate the value of the equilibrium constant. 
Equation: 


Equation: 


3.39 x 104M a 
(6.61 x 10-4 M)(6.61 x 10-4 M) 


776 


Check Your Learning 

Ethanol and acetic acid react and form water and ethyl acetate, the solvent responsible for the odor of some nail 
polish removers. 

Equation: 


C,H;0H + CH3;CO.H = CH3;CO.C2H; + H2O 


When 1 mol each of CyH5;0H and CH3CO 5H are allowed to react in 1 L of the solvent dioxane, equilibrium is 
established when = mol of each of the reactants remains. Calculate the equilibrium constant for the reaction. 
(Note: Water is not a solvent in this reaction.) 


Note: 
Answer: 
K.=4 


Calculation of a Missing Equilibrium Concentration 


If we know the equilibrium constant for a reaction and know the concentrations at equilibrium of all reactants and 
products except one, we can calculate the missing concentration. 


Example: 

Calculation of a Missing Equilibrium Concentration 

Nitrogen oxides are air pollutants produced by the reaction of nitrogen and oxygen at high temperatures. At 2000 
°C, the value of the equilibrium constant for the reaction, N2(g) + O2(g) = 2NO(g), is 4.1 x 1074. Calculate 
the equilibrium concentration of NO(g) in air at 1 atm pressure and 2000 °C. The equilibrium concentrations of 
Np and O> at this pressure and temperature are 0.036 M and 0.0089 M, respectively. 

Solution 

We are given all of the equilibrium concentrations except that of NO. Thus, we can solve for the missing 
equilibrium concentration by rearranging the equation for the equilibrium constant. 


Equation: 
eee 
© SS [Ng] [02] 
Equation: 
[NO]* = K, [No] [Oo] 
Equation: 


[NO] = 4/K- [Na] [02] 


Equation: 


= / (4.1 x 10~*)(0.036)(0.0089) 


Equation: 


= V1.31 x 1077 


Equation: 
S16 xe One 


Thus [NO] is 3.6 x 10~4 mol/L at equilibrium under these conditions. 
We can check our answer by substituting all equilibrium concentrations into the expression for the reaction 
quotient to see whether it is equal to the equilibrium constant. 


Equation: 
g, — Nol 
* [Na] [02] 
Equation: 
_ (3.6 x 10-4)" 
~ (0.036) (0.0089) 
Equation: 


Q.=4.0 x 10*=K, 


The answer checks; our calculated value gives the equilibrium constant within the error associated with the 
significant figures in the problem. 

Check Your Learning 

The equilibrium constant for the reaction of nitrogen and hydrogen to produce ammonia at a certain temperature 
is 6.00 x 10°. Calculate the equilibrium concentration of ammonia if the equilibrium concentrations of nitrogen 
and hydrogen are 4.26 M and 2.09 M, respectively. 


Note: 
Answer: 
1.53 mol/L 


Calculation of Equilibrium Concentrations from Initial Concentrations 


If we know the equilibrium constant for a reaction and a set of concentrations of reactants and products that are not 
at equilibrium, we can calculate the changes in concentrations as the system comes to equilibrium, as well as the 
new concentrations at equilibrium. The typical procedure can be summarized in four steps. 


1. Determine the direction the reaction proceeds to come to equilibrium. 


a. Write a balanced chemical equation for the reaction. 
b. If the direction in which the reaction must proceed to reach equilibrium is not obvious, calculate Q, from 
the initial concentrations and compare to K, to determine the direction of change. 


2. Determine the relative changes needed to reach equilibrium, then write the equilibrium concentrations in 
terms of these changes. 


a. Define the changes in the initial concentrations that are needed for the reaction to reach equilibrium. 
Generally, we represent the smallest change with the symbol x and express the other changes in terms of 
the smallest change. 

b. Define missing equilibrium concentrations in terms of the initial concentrations and the changes in 
concentration determined in (a). 


3. Solve for the change and the equilibrium concentrations. 


a. Substitute the equilibrium concentrations into the expression for the equilibrium constant, solve for x, 
and check any assumptions used to find x. 
b. Calculate the equilibrium concentrations. 


4. Check the arithmetic. 


a. Check the calculated equilibrium concentrations by substituting them into the equilibrium expression 
and determining whether they give the equilibrium constant. 
Sometimes a particular step may differ from problem to problem—it may be more complex in some 
problems and less complex in others. However, every calculation of equilibrium concentrations from a 
set of initial concentrations will involve these steps. 
In solving equilibrium problems that involve changes in concentration, sometimes it is convenient to set 
up an ICE table, as described in the previous section. 


Example: 

Calculation of Concentration Changes as a Reaction Goes to Equilibrium 

Under certain conditions, the equilibrium constant for the decomposition of PCls(g) into PCl3(g) and Cl)(g) is 
0.0211. What are the equilibrium concentrations of PCl;, PCl3, and Cly if the initial concentration of PCl; was 
1.00 M? 

Solution 

Use the stepwise process described earlier. 


Equation: 


PCl5(g) = PCl3(g) + Clo(g) 


The balanced 
equation for the 
decomposition of 
PCI; is 


Because we have no products 
initially, Q, = 0 and the reaction 
will proceed to the right. 


Determine the 
direction the 
reaction 
proceeds. 
Equation: 
Determine the 
relative changes 


Let us represent the The changes 
increase in concentration PCl5(g) = PCl3(g)+ Clo(g)in 


needed to reach _ of PCl3 by the symbol x. —x x x concentration 
equilibrium, then The other changes may be and the 
write the written in terms of x by expressions 
equilibrium considering the for the 
concentrations in coefficients in the equilibrium 
terms of these chemical equation. concentrations 
changes. are: 
Equation: Equation: Equation: 

Solve for the Substituting This equation 
change and thethe roe [PCl3][Cly] She (x)(x) contains only TEL (x) (x) 
equilibrium —_ equilibrium [PCls] (1.00 — x) one variable, (1.00 — x) 
concentrations. concentrations x, the change 

into the in 

equilibrium concentration. 


constant We can write 

equation gives the equation 
as a quadratic 
equation and 


solve for x 
using the 
quadratic 
formula. 
Equation: 
Check the Substitution The equilibrium constant calculated 
arithmetic.into the [PCl3][Cl2] (0.135) (0.135) from the equilibrium concentrations is 
ee ae = = 0.021 pene 
expression [PCls] 0.87 equal to the value of K;, given in the 
for K;, (to problem (when rounded to the proper 
check the number of significant figures). Thus, 
calculation) the calculated equilibrium 
gives concentrations check. 
Check Your Learning 


Acetic acid, CH3CO>H, reacts with ethanol, C)H;OH, to form water and ethyl acetate, CH3CO C>Hs. 
Equation: 


CH,CO,H + C,H;OH = CH;CO,C,H; + H,0 


The equilibrium constant for this reaction with dioxane as a solvent is 4.0. What are the equilibrium 
concentrations when a mixture that is 0.15 M in CH3CO>H, 0.15 M in C)H;OH, 0.40 M in CH3CO2C>Hs, and 
0.40 M in H>O are mixed in enough dioxane to make 1.0 L of solution? 


Note: 
Answer: 
[CH3CO>H] = 0.36 M, [C,H50H] = 0.36 M, [CH3CO2C>Hs] = 0.17 M, [HO] =0.17 M 


Check Your Learning 


A 1.00-L flask is filled with 1.00 moles of Hy and 2.00 moles of Ip. The value of the equilibrium constant for the 
reaction of hydrogen and iodine reacting to form hydrogen iodide is 50.5 under the given conditions. What are the 
equilibrium concentrations of Hy, Ip, and HI in moles/L? 

Equation: 


Ho(g) + In(g) = 2HI1(g) 


Note: 
Answer: 
[H>] = 0.06 M, [I>] = 1.06 M, [HI] = 1.88 M 


Sometimes it is possible to use chemical insight to find solutions to equilibrium problems without actually solving 
a quadratic (or more complicated) equation. First, however, it is useful to verify that equilibrium can be obtained 
starting from two extremes: all (or mostly) reactants and all (or mostly) products (similar to what was shown in 
(link]). 


Consider the ionization of 0.150 M HA, a weak acid. 
Equation: 


HA(ag) = H*(ag) +A (aq) K,=6.80 x 1074 
The most obvious way to determine the equilibrium concentrations would be to start with only reactants. This 


could be called the “all reactant” starting point. Using x for the amount of acid ionized at equilibrium, this is the 
ICE table and solution. 


HA(aq) = H*(aq) + A (aq) 


Initial concentration (M) 0.150 po | 
Equilibrium concentration (M) 0.150 — x 


Setting up and solving the quadratic equation gives 
Equation: 


HA] (@)(@) 


= = 6.80 x 10-4 
[HA] (0.150 — 2) ‘ 


K.= 


Equation: 
xz? +6.80 x 10-42 —1.02 x 10-4 =0 


Equation: 


—6.80 x 10-4 + (6.80 x 10-4)? — (4)(1)(—1.02 x 107“) 
SSS _ oe ::'0v0O§WO 0g 
(2)(1) 

Equation: 
x = 0.00977 M or—0.0104 M 
Using the positive (physical) root, the equilibrium concentrations are 
Equation: 
[HA] = 0.150 —2 = 0.140 M@ 
Equation: 
[H*] = [A7] = x = 0.00977 M 
A less obvious way to solve the problem would be to assume all the HA ionizes first, then the system comes to 


equilibrium. This could be called the “all product” starting point. Assuming all of the HA ionizes gives 
Equation: 


[HA] = 0.150 — 0.150 = 0M 
Equation: 

[H*] = 0+ 0.150 = 0.150 M 
Equation: 

[A] = 0+ 0.150 = 0.150 M@ 


Using these as initial concentrations and “y” to represent the concentration of HA at equilibrium, this is the ICE 
table for this starting point. 


HA(aq) == H"(aq) + A (aq) 


es 


Setting up and solving the quadratic equation gives 
Equation: 


_ YA] _ (0.150—y)(0.150—y) _ ee 
K.= THA] () 6.80 x 10 


Equation: 


6.80 x 10-*y = 0.0225 — 0.300y + y 


Retain a few extra significant figures to minimize rounding problems. 


Equation: 
y” — 0.30068y + 0.022500 = 0 
Equation: 
0.30068 + \/ (0.30068)? — (4)(1) (0.022500) 
= Qa) 
Equation: 


0.30068 + 0.020210 
2 


Rounding each solution to three significant figures gives 
Equation: 


y = 0.160 M or y =0.140 M 


Using the physically significant root (0.140 M) gives the equilibrium concentrations as 
Equation: 


[HA] = y =0.140M 
Equation: 
[H*] = 0.150 — y = 0.010 M 
Equation: 


[A~] = 0.150 — y = 0.010 M 


Thus, the two approaches give the same results (to three decimal places), and show that both starting points lead to 
the same equilibrium conditions. The “all reactant” starting point resulted in a relatively small change (x) because 
the system was close to equilibrium, while the “all product” starting point had a relatively large change (y) that was 
nearly the size of the initial concentrations. It can be said that a system that starts “close” to equilibrium will 
require only a small” change in conditions (x) to reach equilibrium. 


Recall that a small K, means that very little of the reactants form products and a large K, means that most of the 
reactants form products. If the system can be arranged so it starts “close” to equilibrium, then if the change (x) is 
small compared to any initial concentrations, it can be neglected. Small is usually defined as resulting in an error 
of less than 5%. The following two examples demonstrate this. 


Example: 

Approximate Solution Starting Close to Equilibrium 

What are the concentrations at equilibrium of a 0.15 M solution of HCN? 
Equation: 


HCN(ag) = H* (ag) + CN (aq) Ko Ae Or 


Solution 
Using “x” to represent the concentration of each product at equilibrium gives this ICE table. 


HCN(aq) ——> H*(aq) + CN (aq) 


The exact solution may be obtained using the quadratic formula with 


Equation: 
x, = £2)(2) 
0.15 -—2z 
solving 
Equation: 
z?+49 x 10° —7.35 x 10°" =0 
Equation: 


xz = 8.56 x 10°° M (3 sig. figs.) = 8.6 x 10-° M (2 sig. figs.) 


Thus [H*] = [CN7] = x = 8.6 x 10-° M and [HCN] = 0.15 — x = 0.15 M. 

In this case, chemical intuition can provide a simpler solution. From the equilibrium constant and the initial 
conditions, x must be small compared to 0.15 M. More formally, if« «< 0.15, then 0.15 —x * 0.15. If this 
assumption is true, then it simplifies obtaining x 


Equation: 
_ (@2) _ # 
‘015-2 0.15 
Equation: 
49 x 19-0 = = 
0.15 
Equation: 
a? = (Ob) 49 x 105) = (4 10s" 
Equation: 


2=Vv74 x 107° =86 x 10° °M 


In this example, solving the exact (quadratic) equation and using approximations gave the same result to two 
significant figures. While most of the time the approximation is a bit different from the exact solution, as long as 
the error is less than 5%, the approximate solution is considered valid. In this problem, the 5% applies to IF (0.15 
— x) # 0.15 M, so if 
Equation: 

z 8.6 x 10°° 


00 a 1007 = 0000 
we 2 (ine e 


is less than 5%, as it is in this case, the assumption is valid. The approximate solution is thus a valid solution. 
Check Your Learning 

What are the equilibrium concentrations in a 0.25 M NHsg solution? 

Equation: 


NH3(aqg) + H2O(l) = NH,4*(aq) + OH (aq) Kea 18 X07? 


Assume that x is much less than 0.25 M and calculate the error in your assumption. 


Note: 
Answer: 
[OH | = [NH4*] = 0.0021 M; [NH3] = 0.25 M, error = 0.84% 


The second example requires that the original information be processed a bit, but it still can be solved using a 
small x approximation. 


Example: 
Approximate Solution After Shifting Starting Concentration 
Copper(II) ions form a complex ion in the presence of ammonia 
Equation: 


[Cu(NHs) 47*] 


Cu?* (aq) + 4NH3(aq) = Cu(NH;),?* (aq) pee em 
‘ (Cu?* (aq)][NH]" 


If 0.010 mol Cu?* is added to 1.00 L of a solution that is 1.00 M NH3 what are the concentrations when the system 
comes to equilibrium? 

Solution 

The initial concentration of copper(II) is 0.010 M. The equilibrium constant is very large so it would be better to 
start with as much product as possible because “all products” is much closer to equilibrium than “all reactants.” 
Note that Cu** is the limiting reactant; if all 0.010 M of it reacts to form product the concentrations would be 
Equation: 


[Cu?*] = 0.010 — 0.010 =0 M 
Equation: 
[Cu(NH3) ,?*] = 0.010 M 
Equation: 
[NH3] = 1.00 —4 x 0.010 = 0.96 M 


Using these “shifted” values as initial concentrations with x as the free copper(II) ion concentration at equilibrium 
gives this ICE table. 


Cu7*(aq) + 4NH3(aq) —— Cu(NH3)q7*(aq) 


Initial concentration (M) 0 | 096 0.010 
Equilibrium concentration (M) 0.96 + 4x 0.010 — x 


Since we are starting close to equilibrium, x should be small so that 


Equation: 
0.96 + 42 = 0.96 M 
Equation: 
0.010 —2 + 0.010 MW 
Equation: 
.010 — 01 
= ee oils Bae a =5.0 x 10% 
x(0.96 — 4x) x(0.96) 
Equation: 
01 
2 = Cis ais =2.4 x 10° M 
K.(0.96) 
Select the smallest concentration for the 5% rule. 
Equation: 
24 107” eS 
————_—— xl =2 < 1107 
0.010 x 100% x 10° % 


This is much less than 5%, so the assumptions are valid. The concentrations at equilibrium are 
Equation: 


(Cues —a — 24a 10s 
Equation: 
[NH3] = 0.96 — 4a = 0.96 M 
Equation: 
[Cu(NH3) ,?*] = 0.010 — z = 0.010 M 


By starting with the maximum amount of product, this system was near equilibrium and the change (x) was very 
small. With only a small change required to get to equilibrium, the equation for x was greatly simplified and gave 
a valid result well within the 5% error maximum. 

Check Your Learning 

What are the equilibrium concentrations when 0.25 mol Ni** is added to 1.00 L of 2.00 M NH3 solution? 
Equation: 


Ni?* (aq) + 6NH3(ag) = Ni(NH3),”* (aq) ie 55 910° 


With such a large equilibrium constant, first form as much product as possible, then assume that only a small 
amount (x) of the product shifts left. Calculate the error in your assumption. 


Note: 
Answer: 
[Ni(NH3),2*] = 0.25 M, [NHs] = 0.50 M, [Ni**] = 2.9 x 10° M, error = 1.2 x 10°°% 


Key Concepts and Summary 


The ratios of the rate of change in concentrations of a reaction are equal to the ratios of the coefficients in the 
balanced chemical equation. The sign of the coefficient of x is positive when the concentration increases and 
negative when it decreases. We learned to approach three basic types of equilibrium problems. When given the 
concentrations of the reactants and products at equilibrium, we can solve for the equilibrium constant; when given 
the equilibrium constant and some of the concentrations involved, we can solve for the missing concentrations; and 
when given the equilibrium constant and the initial concentrations, we can solve for the concentrations at 
equilibrium. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 
A reaction is represented by this equation: A(aqg) + 2B(aq) = 2C(aq) Ko 1410" 
(a) Write the mathematical expression for the equilibrium constant. 


(b) Using concentrations <1 M, make up two sets of concentrations that describe a mixture of A, B, and C at 
equilibrium. 


Solution: 
Cc 2 
c= a . [A] = 0.1 M, [B] = 0.1 M, [C] = 1 M; and [A] = 0.01, [B] = 0.250, [C] = 0.791. 
Exercise: 
Problem: 
A reaction is represented by this equation: 2W(aq) = X(aq) + 2Y(aq) Ke=sh 105" 


(a) Write the mathematical expression for the equilibrium constant. 
(b) Using concentrations of <1 M, make up two sets of concentrations that describe a mixture of W, X, and Y 
at equilibrium. 
Exercise: 
Problem: 


What is the value of the equilibrium constant at 500 °C for the formation of NH3 according to the following 
equation? 


No(g) + 3H2(g) = 2NH3(g) 


An equilibrium mixture of NH3(g), H2(g), and No(g) at 500 °C was found to contain 1.35 M Hp, 1.15 M No, 
and 4.12 x 10°! M NH3. 


Solution: 


K,= 6.00 x 10°? 
Exercise: 


Problem: 


Hydrogen is prepared commercially by the reaction of methane and water vapor at elevated temperatures. 
CH4(g) + H20(g) = 3H2(g) + CO(g) 


What is the equilibrium constant for the reaction if a mixture at equilibrium contains gases with the following 
concentrations: CHy, 0.126 M; H»O, 0.242 M; CO, 0.126 M; H> 1.15 M, at a temperature of 760 °C? 


Exercise: 


Problem: 


A 0.72-mol sample of PCls is put into a 1.00-L vessel and heated. At equilibrium, the vessel contains 0.40 
mol of PCl3(g) and 0.40 mol of Cl,(g). Calculate the value of the equilibrium constant for the decomposition 
of PCls to PCls and Cl, at this temperature. 


Solution: 


K, = 0.50 
Exercise: 


Problem: 


At 1 atm and 25 °C, NO» with an initial concentration of 1.00 M is 3.3 x 10°°% decomposed into NO and 
Op. Calculate the value of the equilibrium constant for the reaction. 


2NO2(g) = 2NO(g) + O2(9) 
Exercise: 


Problem: 


Calculate the value of the equilibrium constant Kp for the reaction 2NO(g) + Cl(g) = 2NOCI(g) from 
these equilibrium pressures: NO, 0.050 atm; Cl», 0.30 atm; NOCI, 1.2 atm. 


Solution: 
Kp=1.9 x 10° 


Exercise: 


Problem: When heated, iodine vapor dissociates according to this equation: 


At 1274 K, a sample exhibits a partial pressure of Ip of 0.1122 atm and a partial pressure due to I atoms of 
0.1378 atm. Determine the value of the equilibrium constant, Kp, for the decomposition at 1274 K. 


Exercise: 


Problem: A sample of ammonium chloride was heated in a closed container. 
NH,4Cl(s) = NH3(g) + HCl(g) 


At equilibrium, the pressure of NH3(g) was found to be 1.75 atm. What is the value of the equilibrium 
constant Kp for the decomposition at this temperature? 


Solution: 


Kp = 3.06 
Exercise: 


Problem: 


At a temperature of 60 °C, the vapor pressure of water is 0.196 atm. What is the value of the equilibrium 
constant Kp for the transformation at 60 °C? 


H2O(1) = H20(g) 
Exercise: 


Problem: 

Complete the changes in concentrations (or pressure, if requested) for each of the following reactions. 
(a) 

2S03(9) = 2802(g)+ O2(9) 


= === +2 

a 2s 0.125 M 

(b) 

4NH3(g) +302(g) = 2No(g)+ 6H2O(g) 

== 32 = = 
0.24 M 


(c) Change in pressure: 


2CHi(g) = C2H2(g)+ 3Ha2(g) 
x“ 


25 torr 


(d) Change in pressure: 
CHi(g)+ H20(g) = CO(g)+ 3H2(g) 


— x 9 —— 
= 5atm Se: ee 
(e) 

NH4Cl(s) = NH3(g)+ HCl(g) 


x 


1.03 x 104M __ 


(f) change in pressure: 


Ni(s)+ 4CO(g) = Ni(CO),(g) 
Ax 
0.40 atm 


Solution: 


(a) -2x, 2x, -0.250 M, 0.250 M; (b) 4x, —2x, —6x, 0.32 M, —0.16 M, —0.48 M; (c) —2x, 3x, -50 torr, 75 torr; (d) 
x, — x, -3x, 5 atm, —5 atm, —15 atm; (e) x, 1.03 x 10-4 M; (f) x, 0.1 atm. 
Exercise: 


Problem: 


Complete the changes in concentrations (or pressure, if requested) for each of the following reactions. 


(a) 

2H2(g)+ O2(g) = 2H20(g) 

= es +22 

_ _ 1.50 M 

(b) 

CS2(g)+ 4H2(g) = CHa(g)+ 2H2S(g) 
x == =< == 
0.020M __ —— 


(c) Change in pressure: 


Ho(g)+ Ch(g) = 2HCl(g) 


1.50atm __ 
(d) Change in pressure: 


2NH3(g) +202(g) = N2O(g)+ 3H20(g) 


a — a xv 
— — —_ 60.6 torr 
(e) 
NH,HS(s) = NH3(g)+ H2S(g) 
xv —— = 
98x 105M __ 


(f) Change in pressure: 


Fe(s)+ 5CO(g) = Fe(CO);(g) 
x 
0.012 atm 


Exercise: 


Problem: Why are there no changes specified for Ni in [link], part (f)? What property of Ni does change? 
Solution: 


Activities of pure crystalline solids equal 1 and are constant; however, the mass of Ni does change. 
Exercise: 


Problem: 


Why are there no changes specified for NH4HS in [link], part (e)? What property of NH4HS does change? 
Exercise: 


Problem: 


Analysis of the gases in a sealed reaction vessel containing NH3, No, and H» at equilibrium at 400 °C 
established the concentration of N» to be 1.2 M and the concentration of H» to be 0.24 M. 


No(g) + 3H2(g) = 2NHa(9) K, = 0.50 at 400 °C 
Calculate the equilibrium molar concentration of NH3. 
Solution: 


[NH3] =9.1 x 10°*M 
Exercise: 


Problem: 


Calculate the number of moles of HI that are at equilibrium with 1.25 mol of Hj and 1.25 mol of Ip ina 
5.00-L flask at 448 °C. 


H, +I, = 2HI K, = 50.2 at 448 °C 
Exercise: 


Problem: 


What is the pressure of BrCl in an equilibrium mixture of Cl», Bry, and BrCl if the pressure of Cl, in the 
mixture is 0.115 atm and the pressure of Bry in the mixture is 0.450 atm? 


Cl2(g) + Bro(g) = 2BrCl(g) Ke=47 x 10 
Solution: 


Paci = 4.9 X 10° atm 
Exercise: 


Problem: 


What is the pressure of CO, in a mixture at equilibrium that contains 0.50 atm Hp, 2.0 atm of HO, and 1.0 
atm of CO at 990 °C? 


H2(g) + CO2(g) = H2O(g) + CO(g) Kp = 1.6 at 990 °C 


Exercise: 


Problem: Cobalt metal can be prepared by reducing cobalt(II) oxide with carbon monoxide. 


CoO(s) + CO(g) = Co(s) + CO2(g) K,=4.90 x 10?at 550 °C 
What concentration of CO remains in an equilibrium mixture with [CO,] = 0.100 M? 
Solution: 

[CO] = 2.04 x 104M 


Exercise: 


Problem: Carbon reacts with water vapor at elevated temperatures. 

C(s) + H20(g) = CO(g) + Ho(g) Kk, = 0.2 at 1000 °C 

What is the concentration of CO in an equilibrium mixture with [H»O] = 0.500 M at 1000 °C? 
Exercise: 

Problem: Sodium sulfate 10—hydrate, NaySO,4:10H2O, dehydrates according to the equation 

Na2SO,4:10H20(s) = Na2SO,4(s) + 10H20(g) Kp =4.08 x 10-7 at 25 °C 

What is the pressure of water vapor at equilibrium with a mixture of NaySO4:10H2O and NaSO,? 

Solution: 

Pa,6 = 3:64 x 107? atm 


Exercise: 


Problem: Calcium chloride 6—hydrate, CaCl2-6H20, dehydrates according to the equation 


CaCl -6H20(s) = CaCly(s) + 6H2O(g) Kp = 5.09 x 10-“ at 25 °C 

What is the pressure of water vapor at equilibrium with a mixture of CaCl)-6H,O and CaCl»? 
Exercise: 

Problem: 


A student solved the following problem and found the equilibrium concentrations to be [SO] = 0.590 M, [O2] 
= 0.0450 M, and [SO3] = 0.260 M. How could this student check the work without reworking the problem? 
The problem was: For the following reaction at 600 °C: 


2S02(g) + O2(g) = 2803(g) K, = 4.32 
Solution: 
Calculate Q based on the calculated concentrations and see if it is equal to K,. Because Q does equal 4.32, the 
system must be at equilibrium. 
Exercise: 
Problem: 
A student solved the following problem and found [N»O,] = 0.16 M at equilibrium. How could this student 
recognize that the answer was wrong without reworking the problem? The problem was: What is the 


equilibrium concentration of N»O, in a mixture formed from a sample of NO» with a concentration of 0.10 
M? 


Exercise: 


Problem: 
Assume that the change in concentration of N»O, is small enough to be neglected in the following problem. 


(a) Calculate the equilibrium concentration of both species in 1.00 L of a solution prepared from 0.129 mol of 
N»O, with chloroform as the solvent. 


N204(g) = 2NO2(g) K,=1.07 x 107° in chloroform 
(b) Show that the change is small enough to be neglected. 


Solution: 


(a) [NO] = 1.17 x 10° M 
[N»O,] = 0.128 M 
(b) Percent error = 
5% maximum allowed. 


58Tx10* x 100% = 0.455 %. The change in concentration of NO, is far less than the 


Exercise: 


Problem: 
Assume that the change in concentration of COCl) is small enough to be neglected in the following problem. 


(a) Calculate the equilibrium concentration of all species in an equilibrium mixture that results from the 
decomposition of COC], with an initial concentration of 0.3166 M. 


COCl2(g) = CO(g) + Clo(g) Ks 10,2 

(b) Show that the change is small enough to be neglected. 
Exercise: 

Problem: 


Assume that the change in pressure of HS is small enough to be neglected in the following problem. 


(a) Calculate the equilibrium pressures of all species in an equilibrium mixture that results from the 
decomposition of H»S with an initial pressure of 0.824 atm. 


2H2S(g) = 2H2(g) + S2(g) Kp =2.2 x 10°° 
(b) Show that the change is small enough to be neglected. 


Solution: 


(a) [HS] = 0.810 atm 

[H>] = 0.014 atm 

[S>] = 0.0072 atm 

(b) The 2x is dropped from the equilibrium calculation because 0.014 is negligible when subtracted from 
0.824. The percent error associated with ignoring 2x is 0-0" x 100% = 1.7%, which is less than allowed 


0.824 
by the “5% test.” The error is, indeed, negligible. 


Exercise: 


Problem: 


What are all concentrations after a mixture that contains [HO] = 1.00 M and [Cl,O] = 1.00 M comes to 
equilibrium at 25 °C? 


H2O0(g) + Cl,O(g) = 2HOCI(g) K, = 0.0900 
Exercise: 


Problem: 


What are the concentrations of PCls, PCl3, and Cly in an equilibrium mixture produced by the decomposition 
of a sample of pure PCls with [PCl5] = 2.00 M? 


PCl5(g) = PCl3(g) + Cle(g) K, = 0.0211 
Solution: 


[PCls] = 1.80 M; [Cly] = 0.195 M; [PCs] = 0.195 M. 
Exercise: 
Problem: 
Calculate the pressures of all species at equilibrium in a mixture of NOCI, NO, and Cl» produced when a 


sample of NOCI with a pressure of 10.0 atm comes to equilibrium according to this reaction: 
2NOCI(g) = 2NO(g) + Cla(g) Kp =4.0 x 104 


Exercise: 


Problem: 


Calculate the equilibrium concentrations of NO, O», and NO in a mixture at 250 °C that results from the 
reaction of 0.20 M NO and 0.10 M Ob. (Hint: K is large; assume the reaction goes to completion then comes 
back to equilibrium.) 


2NO(g) + O2(g) = 2NO2(g) K, =2.3 x 10°at 250°C 
Solution: 


[NO] = 0.19 M 
[NO] = 0.0070 M 
[0] = 0.0035 M 


Exercise: 


Problem: 


Calculate the equilibrium concentrations that result when 0.25 M O> and 1.0 M HCl react and come to 
equilibrium. 


4HCI(g) + O2(g) = 2Cl2(g) + 2H20(g) KH 34 10" 

Exercise: 
Problem: One of the important reactions in the formation of smog is represented by the equation 
O3(g) + NO(g) = NO2(g) + O2(g) Kp =6.0 x 10™ 


What is the pressure of O3 remaining after a mixture of O3 with a pressure of 1.2 x 107-8 atm and NO witha 
pressure of 1.2 x 10-8 atm comes to equilibrium? (Hint: Kp is large; assume the reaction goes to completion 


then comes back to equilibrium.) 
Solution: 


Po, =4.9 x 107% atm 
Exercise: 


Problem: 


Calculate the pressures of NO, Cl», and NOCI in an equilibrium mixture produced by the reaction of a starting 
mixture with 4.0 atm NO and 2.0 atm Cly. (Hint: Kp is small; assume the reverse reaction goes to completion 
then comes back to equilibrium.) 


2NO(g) + Cl2(g) = 2NOCI(g) Kp =2.5 x 103 
Exercise: 


Problem: 


Calculate the number of grams of HI that are at equilibrium with 1.25 mol of H» and 63.5 g of iodine at 448 
°C. 


H, +I, = 2HI K, = 50.2 at 448 °C 
Solution: 


507 g 


Exercise: 


Problem: Butane exists as two isomers, n-butane and isobutane. 


te 
CH> CH3 —— 
ci... eae ; CH, 
CH3 CH3 
n-butane isobutane 


Kp = 2.5 at 25°C 


What is the pressure of isobutane in a container of the two isomers at equilibrium with a total pressure of 1.22 
atm? 


Exercise: 


Problem: 


What is the minimum mass of CaCO3 required to establish equilibrium at a certain temperature in a 6.50-L 
container if the equilibrium constant (K,) is 0.050 for the decomposition reaction of CaCO3 at that 
temperature? 


CaCO3(s) = CaO(s) + CO2(g) 
Solution: 


33 g 


Exercise: 


Problem: The equilibrium constant (K,) for this reaction is 1.60 at 990 °C: 

H2(g) + CO2(g) = H20(g) + CO(g) 

Calculate the number of moles of each component in the final equilibrium mixture obtained from adding 1.00 

mol of H», 2.00 mol of CO», 0.750 mol of HO, and 1.00 mol of CO to a 5.00-L container at 990 °C. 
Exercise: 


Problem: 


At 25 °C and at 1 atm, the partial pressures in an equilibrium mixture of N»O4 and NO» are 
Py,o, = 9.70 atm and Pyo, = 0.30 atm. 


(a) Predict how the pressures of NOz and N2O, will change if the total pressure increases to 9.0 atm. Will they 
increase, decrease, or remain the same? 


(b) Calculate the partial pressures of NO» and N20, when they are at equilibrium at 9.0 atm and 25 °C. 


Solution: 

(a) Both gases must increase in pressure. 

(b)Py,o, = 8.0 atm and Pyo, = 1.0 atm 
Exercise: 

Problem: 


In a 3.0-L vessel, the following equilibrium partial pressures are measured: N>, 190 torr; H, 317 torr; NH3, 
1.00 x 10% torr. 


No(g) + 3H2(g) = 2NH3(g) 


(a) How will the partial pressures of Hp, No, and NH3 change if H» is removed from the system? Will they 
increase, decrease, or remain the same? 


(b) Hydrogen is removed from the vessel until the partial pressure of nitrogen, at equilibrium, is 250 torr. 
Calculate the partial pressures of the other substances under the new conditions. 


Exercise: 


Problem: The equilibrium constant (K,) for this reaction is 5.0 at a given temperature. 
CO(g) + H20(g) = CO2(g) + Ha(g) 


(a) On analysis, an equilibrium mixture of the substances present at the given temperature was found to 
contain 0.20 mol of CO, 0.30 mol of water vapor, and 0.90 mol of H> in a liter. How many moles of CO, were 
there in the equilibrium mixture? 


(b) Maintaining the same temperature, additional Hz was added to the system, and some water vapor was 
removed by drying. A new equilibrium mixture was thereby established containing 0.40 mol of CO, 0.30 mol 
of water vapor, and 1.2 mol of Hp in a liter. How many moles of CO, were in the new equilibrium mixture? 
Compare this with the quantity in part (a), and discuss whether the second value is reasonable. Explain how it 
is possible for the water vapor concentration to be the same in the two equilibrium solutions even though 
some vapor was removed before the second equilibrium was established. 


Solution: 


(a) 0.33 mol. 
(b) [CO] = 0.50 M Added H» forms some water to compensate for the removal of water vapor and as a result 
of a shift to the left after H» is added. 


Exercise: 


Problem: Antimony pentachloride decomposes according to this equation: 
SbCl5(9) = SbCl3(g) + Cla(g) 


An equilibrium mixture in a 5.00-L flask at 448 °C contains 3.85 g of SbCls, 9.14 g of SbCl3, and 2.84 g of 
Cl). How many grams of each will be found if the mixture is transferred into a 2.00-L flask at the same 
temperature? 


Exercise: 


Consider the reaction between H» and O> at 1000 K 


Problem: 2H>(g) + O2(g) = 2H20(g) Kp = 2), =1.33 x 10” 


(Poy) (Pup) 


If 0.500 atm of H2 and 0.500 atm of O2 are allowed to come to equilibrium at this temperature, what are the 
partial pressures of the components? 


Solution: 


Py, = 8.64 x 107" atm 
Po, = 0.250 atm 
Px,o = 0.500 atm 


Exercise: 
Problem: An equilibrium is established according to the following equation 
Hg,”* (aq) + NO3~ (aq) + 3H* (aq) = 2Hg** (aq) + HNO2(aq) + H20(I) K-46 
What will happen in a solution that is 0.20 M each in Hg,?+, NO3~, H*, Hg**, and HNO»? 


(a) Hg,?* will be oxidized and NO3~ reduced. 


(b) Hg,?* will be reduced and NO3~ oxidized. 

(c) Hg?* will be oxidized and HNO; reduced. 

(d) Hg?* will be reduced and HNO, oxidized. 

(e) There will be no change because all reactants and products have an activity of 1. 
Exercise: 

Problem: Consider the equilibrium 

4NO2(g) + 6H2O(g) = 4NH3(g) + 702(g) 

(a) What is the expression for the equilibrium constant (K,) of the reaction? 


b) How must the concentration of NH3 change to reach equilibrium if the reaction quotient is less than the 
a 8 
equilibrium constant? 


(c) If the reaction were at equilibrium, how would a decrease in pressure (from an increase in the volume of 
the reaction vessel) affect the pressure of NO2? 


(d) If the change in the pressure of NO> is 28 torr as a mixture of the four gases reaches equilibrium, how 
much will the pressure of O» change? 


Solution: 
(a) kK, = ee (b) [NH3] must increase for Q, to reach K,. (c) That decrease in pressure would 
decrease [NO2]. (d) Po, = 49 torr 
Exercise: 
Problem: 


The binding of oxygen by hemoglobin (Hb), giving oxyhemoglobin (HbO>), is partially regulated by the 
concentration of H30* and dissolved CO, in the blood. Although the equilibrium is complicated, it can be 
summarized as 


HbO2(aqg) + H30* (aq) + CO2(g) = CO2.—Hb—H* + O2(g) + H2O0(I) 


(a) Write the equilibrium constant expression for this reaction. 
(b) Explain why the production of lactic acid and CO2 in a muscle during exertion stimulates release of O2 
from the oxyhemoglobin in the blood passing through the muscle. 
Exercise: 
Problem: 


The hydrolysis of the sugar sucrose to the sugars glucose and fructose follows a first-order rate equation for 
the disappearance of sucrose. 


Cj2H22011 (ag) + H20(1) —> CgHi206(aq) + CeHi20¢6(aq) 
Rate = k[Cj9H 904] 


In neutral solution, k = 2.1 x 10°'/s at 27 °C. (As indicated by the rate constant, this is a very slow reaction. 
In the human body, the rate of this reaction is sped up by a type of catalyst called an enzyme.) (Note: That is 
not a mistake in the equation—the products of the reaction, glucose and fructose, have the same molecular 
formulas, CgH120¢, but differ in the arrangement of the atoms in their molecules). The equilibrium constant 
for the reaction is 1.36 x 10° at 27 °C. What are the concentrations of glucose, fructose, and sucrose after a 
0.150 M aqueous solution of sucrose has reached equilibrium? Remember that the activity of a solvent (the 
effective concentration) is 1. 


Solution: 


[fructose] = 0.15 M 
Exercise: 
Problem: 


The density of trifluoroacetic acid vapor was determined at 118.1 °C and 468.5 torr, and found to be 2.784 
g/L. Calculate K;, for the association of the acid. 


2CF,CO,H(g) = CF e \ C(g) 
geY2N9) = aN / 39 


Exercise: 
Problem: 
Liquid N»Os3 is dark blue at low temperatures, but the color fades and becomes greenish at higher 
temperatures as the compound decomposes to NO and NO». At 25 °C, a value of Kp = 1.91 has been 


established for this decomposition. If 0.236 moles of N2O3 are placed in a 1.52-L vessel at 25 °C, calculate 
the equilibrium partial pressures of N»03(g), NO2(g), and NO(g). 


Solution: 


Py,o; = 1.90 atm and Pyo = Pyo, = 1.90 atm 
Exercise: 
Problem: 
A 1.00-L vessel at 400 °C contains the following equilibrium concentrations: Nz, 1.00 M; Ho, 0.50 M; and 


NHs, 0.25 M. How many moles of hydrogen must be removed from the vessel to increase the concentration of 
nitrogen to 1.1 M? 


Exercise: 
Problem: 
A 0.010 M solution of the weak acid HA has an osmotic pressure (see chapter on solutions and colloids) of 


0.293 atm at 25 °C. A 0.010 M solution of the weak acid HB has an osmotic pressure of 0.345 atm under the 
same conditions. 


(a) Which acid has the larger equilibrium constant for ionization 
HA [HA(aqg) = A’ (aq) + H*(aq)] or HB [HB(aqg) = H* (aq) + B (aq)]? 
(b) What are the equilibrium constants for the ionization of these acids? 


(Hint: Remember that each solution contains three dissolved species: the weak acid (HA or HB), the 
conjugate base (A™ or B’), and the hydrogen ion (H*). Remember that osmotic pressure (like all colligative 
properties) is related to the total number of solute particles. Specifically for osmotic pressure, those 
concentrations are described by molarities.) 


Solution: 
(a) HB ionizes to a greater degree and has the larger K,. 


(b) K(HA) =5 x 104 
K.(HB) = 3 x 103 


Precipitation and Dissolution 
By the end of this section, you will be able to: 


e Write chemical equations and equilibrium expressions representing solubility equilibria 
e Carry out equilibrium computations involving solubility, equilibrium expressions, and solute concentrations 


The preservation of medical laboratory blood samples, mining of sea water for magnesium, formulation of over- 
the-counter medicines such as Milk of Magnesia and antacids, and treating the presence of hard water in your 
home’s water supply are just a few of the many tasks that involve controlling the equilibrium between a slightly 
soluble ionic solid and an aqueous solution of its ions. 


In some cases, we want to prevent dissolution from occurring. Tooth decay, for example, occurs when the calcium 
hydroxylapatite, which has the formula Cas(PO,4)3(OH), in our teeth dissolves. The dissolution process is aided 
when bacteria in our mouths feast on the sugars in our diets to produce lactic acid, which reacts with the hydroxide 
ions in the calcium hydroxylapatite. Preventing the dissolution prevents the decay. On the other hand, sometimes 
we want a substance to dissolve. We want the calcium carbonate in a chewable antacid to dissolve because the 
CO3?- ions produced in this process help soothe an upset stomach. 


In this section, we will find out how we can control the dissolution of a slightly soluble ionic solid by the 
application of Le Chatelier’s principle. We will also learn how to use the equilibrium constant of the reaction to 
determine the concentration of ions present in a saturated solution. 


The Solubility Product 


Silver chloride is what’s known as a sparingly soluble ionic solid ({link]). Recall from the solubility rules in an 
earlier chapter that halides of Ag* are not normally soluble. However, when we add an excess of solid AgCl to 
water, it dissolves to a small extent and produces a mixture consisting of a very dilute solution of Ag* and Cl ions 
in equilibrium with undissolved silver chloride: 

Equation: 


dissolution 4 2 
AgCl(s) = Ag™ (aq) + Cl (aq) 


precipitation 


This equilibrium, like other equilibria, is dynamic; some of the solid AgCl continues to dissolve, but at the same 
time, Ag* and CI ions in the solution combine to produce an equal amount of the solid. At equilibrium, the 
opposing processes have equal rates. 


Silver chloride is a sparingly soluble ionic solid. When it is added to water, it dissolves slightly and produces 
a mixture consisting of a very dilute solution of Ag* and CI ions in equilibrium with undissolved silver 
chloride. 


The equilibrium constant for the equilibrium between a slightly soluble ionic solid and a solution of its ions is 
called the solubility product (K,,) of the solid. Recall from the chapter on solutions and colloids that we use an 
ion’s concentration as an approximation of its activity in a dilute solution. For silver chloride, at equilibrium: 
Equation: 


AgCl(s) = Ag* (aq) + Cl (aq) K. = [Ag™ (aq)|[Cl (aq)] 


Note that the K,, expression does not contain a term in the denominator for the concentration of the reactant, AgCl. 
According to the guidelines for deriving mass-action expressions described in an earlier chapter on equilibrium, 
only gases and solutes are represented. Solids and liquids are assigned concentration values of one and thus do not 
appear in equilibrium constant expressions; therefore, [AgCl] does not appear in the expression for K,,. 


Some common solubility products are listed in [link] according to their K,, values, whereas a more extensive 
compilation of solubility products appears in Appendix J. Each of these equilibrium constants is much smaller than 
1 because the compounds listed are only slightly soluble. A small K,, represents a system in which the equilibrium 
lies to the left, so that relatively few hydrated ions would be present in a saturated solution. 


Common Solubility Products by Decreasing Equilibrium Constants 


Substance Kgp at 25 °C 
CuCl 12 * 10° 
CuBr 6.27 x 10° 
Agl 15 «x 10-5 
PbS 7 e100 
Al(OH); 2 «10 
Fe(OH)3 4 x 10-%8 
Example: 


Writing Equations and Solubility Products 

Write the ionic equation for the dissolution and the solubility product expression for each of the following slightly 
soluble ionic compounds: 

(a) Agl, silver iodide, a solid with antiseptic properties 

(b) CaCO3, calcium carbonate, the active ingredient in many over-the-counter chewable antacids 

(c) Mg(OH)>2, magnesium hydroxide, the active ingredient in Milk of Magnesia 

(d) Mg(NH,4)PO,, magnesium ammonium phosphate, an essentially insoluble substance used in tests for 
magnesium 


(e) Cas(PO4)30H, the mineral apatite, a source of phosphate for fertilizers 
(Hint: When determining how to break (d) and (e) up into ions, refer to the list of polyatomic ions in the section 
on chemical nomenclature.) 


Solution 

(a) Agl(s) = Ag‘ (aq) +I (aq) Ky = [Ag"][I] 

(b) CaCO3(s) = Ca?* (ag) + CO3?- (aq) Ke (Ca CO. =| 

(c) Mg(OH),(s) = Mg” (aq) + 20H (aq) (Me (OH | 

(d) Mg(NH,4)PO4(s) = Mg?* (aq) + NH,* (aq) + PO, (aq) Kay = Me" (NE; [PO] 
(e) Cas(PO4)30H(s) = 5Ca?* (ag) + 3PO4°" (ag) + OH (aq) Ge [Ca?*}’[PO,3-]3[(OH-] 
Check Your Learning 


Write the ionic equation for the dissolution and the solubility product for each of the following slightly soluble 
compounds: 

(a) BaSO4 

(b) AgoSO4 

(c) Al(OH); 

(d) Pb(OH)Cl 


Note: 
Answer: 


(a) BaSO4(s) = Ba?* (aq) + SO4? (aq) Kea 750, al,(b) 
Ag.SOa(s) = 2Ag" (aq) + SO,” (aq) Tg ia Aes *1$042"]; (c) 
Al(OH)3(s) = Al** (aq) + 30H (aq) Kg = [Al**][OH 8; @) 
Pb(OH)Cl(s) = Pb?" (aq) + OH (aq) + Cl (aq) i= (Pb Ou [Cle 


‘| 
‘| 


Now we will extend the discussion of K,, and show how the solubility product is determined from the solubility of 
its ions, as well as how Kg, can be used to determine the molar solubility of a substance. 


K,, and Solubility 


The K., of a slightly soluble ionic compound may be simply related to its measured solubility provided the 
dissolution process involves only dissociation and solvation, for example: 
Equation: 


M,X,(s) = pM™* (aq) + gX” (aq) 


For cases such as these, one may derive K,, values from provided solubilities, or vice-versa. Calculations of this 
sort are most conveniently performed using a compound’s molar solubility, measured as moles of dissolved solute 
per liter of saturated solution. 


Example: 

Calculation of K,, from Equilibrium Concentrations 

We began the chapter with an informal discussion of how the mineral fluorite ((link]) is formed. Fluorite, CaF, is 
a slightly soluble solid that dissolves according to the equation: 

Equation: 


CaF 2(s) = Ca?* (aq) + 2F (aq) 


The concentration of Ca?" in a saturated solution of CaF, is 2.15 x 10~* M; therefore, that of F~ is 4.30 x 10+ M, 
that is, twice the concentration of Ca**. What is the solubility product of fluorite? 

Solution 

First, write out the K,, expression, then substitute in concentrations and solve for K,,: 

Equation: 


CaF 2(s) = Ca?* (aq) + 2F (aq) 


A saturated solution is a solution at equilibrium with the solid. Thus: 
Equation: 


Ky = [Ca?*][F-]’ = (2.15 x 10~4)(4.30 x 1074)’ = 3.98 x 10-1 


As with other equilibrium constants, we do not include units with K,,. 

Check Your Learning 

In a saturated solution that is in contact with solid Mg(OH)>, the concentration of Mg** is 1.31 x 10+ M. What is 
the solubility product for Mg(OH) ? 

Equation: 


Mg(OH),(s) = Mg”! (aq) + 20H (aq) 


Note: 
Answer: 
8.99 x 10°! 


Example: 

Determination of Molar Solubility from K,, 

The K;p of copper(I) bromide, CuBr, is 6.3 x 10-°. Calculate the molar solubility of copper bromide. 
Solution 

The solubility product of copper(I) bromide is 6.3 x 10-°. 

The reaction is: 

Equation: 


CuBr(s) = Cu* (aq) + Br (aq) 


First, write out the solubility product expression: 
Equation: 


se [Cu] [Br | 


Create an ICE table (as introduced in the chapter on fundamental equilibrium concepts), leaving the CuBr column 
empty as it is a solid and does not contribute to the K,): 


CuBr (s) —— Cu‘ (aq) + _ BF (aq) 


At equilibrium: 


Equation: 
Ka [Cu*][Br-] 
Equation: 
6.3 x 10-9 = (z)(z) = 2? 
Equation: 


a= (63 769 <a) 


Therefore, the molar solubility of CuBr is 7.9 x 10° M. 
Check Your Learning 
The K,, of Agl is 1.5 x 10~'®. Calculate the molar solubility of silver iodide. 


Note: 
Answer: 
1.2 x 10°M 


Example: 

Determination of Molar Solubility from Ksp, Part IT 

The Kg, of calcium hydroxide, Ca(OH)a, is 1.3 x 10-®. Calculate the molar solubility of calcium hydroxide. 
Solution 

The solubility product of calcium hydroxide is 1.3 x 10~. 

The reaction is: 


Equation: 
Ca(OH),(s) = Ca?* (ag) + 20H (aq) 


First, write out the solubility product expression: 
Equation: 


Kp = [Ca?*][OH-]? 


Create an ICE table, leaving the Ca(OH) column empty as it is a solid and does not contribute to the K,): 


Ca(OH), (s) ===> Ca** (aq) + 20H (aq) 


At equilibrium: 


Equation: 
=o 
Ke = [Ca?*][OH | 
Equation: 
ex o105 alin — (aaron aa 
Equation: 


ie 10-6 
z=] a =6.9 x 107 


Therefore, the molar solubility of Ca(OH), is 6.9 x 10° M. 
Check Your Learning 
The Kp of PbIp is 1.4 x 10-8. Calculate the molar solubility of lead(II) iodide. 


Note: 
Answer: 
1.5 x 103M 


Note that solubility is not always given as a molar value. When the solubility of a compound is given in some unit 
other than moles per liter, we must convert the solubility into moles per liter (i.e., molarity) in order to use it in the 
solubility product expression. [link] shows how to perform those unit conversions before determining the solubility 
product equilibrium. 


Example: 

Determination of K,, from Gram Solubility 

Many of the pigments used by artists in oil-based paints ({link]) are sparingly soluble in water. For example, the 
solubility of the artist’s pigment chrome yellow, PbCrOy, is 4.6 x 10~° g/L. Determine the solubility product for 
PbCrO,. 


Oil paints contain pigments that are very slightly soluble in water. In 
addition to chrome yellow (PbCrO,), examples include Prussian blue 
(Fe7(CN)jg), the reddish-orange color vermilion (HgS), and green color 
veridian (Cr2O3). (credit: Sonny Abesamis) 


Solution 


We are given the solubility of PbCrO, in grams per liter. If we convert this solubility into moles per liter, we can 
find the equilibrium concentrations of Pb?* and CrO4?-, then Ksp: 


Solubility of 
[PbCrO,] in 
mol/L 


Solubility of 


PbCrQO,j in g/L 


323.2 g 
1mol 


Use the molar mass of PbCrO4 ( 


solubility of PbhCrO, in grams per liter into moles per 
liter: 


) to convert the 


Equation: 
The chemical 
equation for the 


[Pb?*] and 
[CrO,* | at 
equilibrium 


Equation: 
_ 46x 10 °g PbCrO, 1mol PbCrO4 
[PbCrO,] = TL 323.25 PbCrO, 
1.4 x 107® mol PbCrO4 
a IL 
= 1A 105 
Equation: 


Thus, both 


PbCrO4(s) = Pb?* (aq) + CrO4?~(aqg)[Pb**] and [Pb?*] = [CrO4?-] = 1.4 x 10-°M 
2A 


dissolution CrOa =| 
indicates that 1 are equal to 
mol of PbCrO4, the molar 
gives 1 mol of Pb?* solubility 


of PbCrO,: 


(aq) and 1 mol of 
CrO,?- (aq): 


Solve. Kp = [Pb**][CrO4?-] = (1.4 x 10°8\(1.4 x 10°) = 2.0 x 10° 


Check Your Learning 
The solubility of TIC] [thallium(1) chloride], an intermediate formed when thallium is being isolated from ores, is 
3.46 grams per liter at 20 °C. What is its solubility product? 


Note: 
Answer: 
2.08 x 10+ 


Example: 

Calculating the Solubility of Hg Cl) 

Calomel, HgyCly, is a compound composed of the diatomic ion of mercury(I), Hg,?*, and chloride ions, Cl-. 
Although most mercury compounds are now known to be poisonous, eighteenth-century physicians used calomel 
as a medication. Their patients rarely suffered any mercury poisoning from the treatments because calomel is 
quite insoluble: 

Equation: 


Hg,Cly(s) = Hg,?* (ag) + 2Cl (aq) Koy le 10r 


Calculate the molar solubility of HgjCly. 

Solution 

The molar solubility of Hg2Clo is equal to the concentration of Hg,”* ions because for each 1 mol of Hg2Cly that 
dissolves, 1 mol of Hg?* forms: 


Determine the Determine x and Solve for x and Check the math. 
direction of the equilibrium the equilibrium 


change. concentrations. concentrations. 


Determine the direction of change. Before any Hg»Clp dissolves, Q is zero, and the reaction will shift to the right 
to reach equilibrium. 


Determine x and voce — "aa + acre [Note that the change in the concentration of Cl” (2x) is 
equilibrium Se > twice as large as the change in the concentration of Hg,?* 
concentrations. Se srs °° (x) because 2 mol of Cl forms for each 1 mol of Hg,?* 
Concentrations and that forms. Hg»Cly is a pure solid, so it does not appear in 
changes are given in the the calculation. 
following ICE table: 

Equation: Equation: Equation: Equation: 


Solve for x and 
the equilibrium K,, = [Hg,?*][Cl-]71.1 x 10° = (x)(2x)*4x* = 1.1 x 10° 
concentrations. 


We substitute i iil x 19~38 
the equilibrium B= ( ) = 
concentrations 4 
into the 
expression for 
Kp and 
calculate the 
value of x: 
Equation: 
Check the work. At The 
equilibrium, Q=Ks:  @ = [Hg,?+][(Cl-]? = (6.5 x 1077)(1.3 x 1078)? =1.1 x 107-8 Scie 
check. 


Check Your Learning 
Determine the molar solubility of MgF) from its solubility product: K,, = 6.4 x 10s": 


Note: 
Answer: 
20s he 


Tabulated K,, values can also be compared to reaction quotients calculated from experimental data to tell whether 
a solid will precipitate in a reaction under specific conditions: Q equals Ks, at equilibrium; if Q is less than Kg,, the 


solid will dissolve until Q equals K,); if Q is greater than K,,, precipitation will occur at a given temperature until 
Q equals Kp. 


Note: 

Using Barium Sulfate for Medical Imaging 

Various types of medical imaging techniques are used to aid diagnoses of illnesses in a noninvasive manner. One 
such technique utilizes the ingestion of a barium compound before taking an X-ray image. A suspension of 
barium sulfate, a chalky powder, is ingested by the patient. Since the K,, of barium sulfate is 1.1 x 10-1, very 
little of it dissolves as it coats the lining of the patient’s intestinal tract. Barium-coated areas of the digestive tract 
then appear on an X-ray as white, allowing for greater visual detail than a traditional X-ray ([link]). 


The suspension of barium sulfate coats the intestinal tract, which 
allows for greater visual detail than a traditional X-ray. (credit 
modification of work by “glitzy queen00”/Wikimedia Commons) 


Further diagnostic testing can be done using barium sulfate and fluoroscopy. In fluoroscopy, a continuous X-ray is 
passed through the body so the doctor can monitor, on a TV or computer screen, the barium sulfate’s movement as 
it passes through the digestive tract. Medical imaging using barium sulfate can be used to diagnose acid reflux 
disease, Crohn’s disease, and ulcers in addition to other conditions. 

Visit this website for more information on how barium is used in medical diagnoses and which conditions it is 


used to diagnose. 


Predicting Precipitation 


The equation that describes the equilibrium between solid calcium carbonate and its solvated ions is: 


Equation: 


CaCO3(s) = Ca?* (aq) + CO3” (aq) 


We can establish this equilibrium either by adding solid calcium carbonate to water or by mixing a solution that 
contains calcium ions with a solution that contains carbonate ions. If we add calcium carbonate to water, the solid 
will dissolve until the concentrations are such that the value of the reaction quotient (Q = [Ca?*][CO37"]) is 
equal to the solubility product (K,, = 8.7 x 10-°). If we mix a solution of calcium nitrate, which contains Ca?* 
ions, with a solution of sodium carbonate, which contains CO32~ ions, the slightly soluble ionic solid CaCO3 will 
precipitate, provided that the concentrations of Ca** and CO3?~ ions are such that Q is greater than Ksp for the 
mixture. The reaction shifts to the left and the concentrations of the ions are reduced by formation of the solid until 
the value of Q equals Ksp. A saturated solution in equilibrium with the undissolved solid will result. If the 
concentrations are such that Q is less than Ksp, then the solution is not saturated and no precipitate will form. 


We can compare numerical values of Q with Ksp to predict whether precipitation will occur, as [link] shows. (Note: 
Since all forms of equilibrium constants are temperature dependent, we will assume a room temperature 
environment going forward in this chapter unless a different temperature value is explicitly specified.) 


Example: 

Precipitation of Mg(OH)2 

The first step in the preparation of magnesium metal is the precipitation of Mg(OH)» from sea water by the 
addition of lime, Ca(OH)g, a readily available inexpensive source of OH ion: 

Equation: 


Mg(OH),(s) = Mg** (ag) + 20H (aq) he 8.9) 0 10 


The concentration of Mg**(aq) in sea water is 0.0537 M. Will Mg(OH), precipitate when enough Ca(OH), is 
added to give a [OH ] of 0.0010 M? 

Solution 

This problem asks whether the reaction: 

Equation: 


Mg(OH),(s) = Mg”* (aq) + 20H (aq) 


shifts to the left and forms solid Mg(OH) 2 when [Mg**] = 0.0537 M and [OH |] = 0.0010 M. The reaction shifts to 
the left if Q is greater than Kp. Calculation of the reaction quotient under these conditions is shown here: 
Equation: 


Q = [Mg?*][OH~]° = (0.0537)(0.0010)? = 5.4 x 10°8 


Because Q is greater than Ksp (Q = 5.4 x 10- is larger than Kgp = 8.9 X 1071), we can expect the reaction to shift 
to the left and form solid magnesium hydroxide. Mg(OH)o(s) forms until the concentrations of magnesium ion 
and hydroxide ion are reduced sufficiently so that the value of Q is equal to Kp. 

Check Your Learning 

Use the solubility product in Appendix J to determine whether CaHPO, will precipitate from a solution with 
[Ca?*] = 0.0001 M and [HPO,?°] = 0.001 M. 


Note: 
Answer: 
No precipitation of CaHPO4; Q = 1 x 10-’, which is less than Kgp 


Example: 

Precipitation of AgCl upon Mixing Solutions 

Does silver chloride precipitate when equal volumes of a 2.0 x 10~-M solution of AgNO3 and a 2.0 x 10~*-M 
solution of NaCl are mixed? 

(Note: The solution also contains Na* and NO37 ions, but when referring to solubility rules, one can see that 
sodium nitrate is very soluble and cannot form a precipitate.) 

Solution 

The equation for the equilibrium between solid silver chloride, silver ion, and chloride ion is: 

Equation: 


AgCl(s) = Ag* (aq) + Cl (aq) 


The solubility product is 1.6 x 10-!° (see Appendix J). 

AgCl will precipitate if the reaction quotient calculated from the concentrations in the mixture of AgNO3 and 
NaCl is greater than K,,. The volume doubles when we mix equal volumes of AgNO3 and NaCl solutions, so each 
concentration is reduced to half its initial value. Consequently, immediately upon mixing, [Ag*] and [CI-] are both 
equal to: 

Equation: 


1 

3 (2.0 x 10-*) M=1.0 x 10*M 

The reaction quotient, Q, is momentarily greater than K,, for AgCl, so a supersaturated solution is formed: 
Equation: 


Q = [Ag*][Cl"] = (1.0 x 10~*)(1.0 x 10-4) = 1.0 x 10° > Ky 


Since supersaturated solutions are unstable, AgCl will precipitate from the mixture until the solution returns to 
equilibrium, with Q equal to Kp. 

Check Your Learning 

Will KClO, precipitate when 20 mL of a 0.050-M solution of K* is added to 80 mL of a 0.50-M solution of 
ClO,~ ? (Remember to calculate the new concentration of each ion after mixing the solutions before plugging 
into the reaction quotient expression.) 


Note: 
Answer: 
No, Q = 4.0 x 1073, which is less than K,, = 1.05 x 10° 


In the previous two examples, we have seen that Mg(OH), or AgCl precipitate when Q is greater than Kgp. In 
general, when a solution of a soluble salt of the M™* ion is mixed with a solution of a soluble salt of the X" ion, 
the solid, M,X, precipitates if the value of Q for the mixture of M"™* and X™ is greater than Kg for M,Xq. Thus, if 
we know the concentration of one of the ions of a slightly soluble ionic solid and the value for the solubility 
product of the solid, then we can calculate the concentration that the other ion must exceed for precipitation to 
begin. To simplify the calculation, we will assume that precipitation begins when the reaction quotient becomes 
equal to the solubility product. 


Example: 
Precipitation of Calcium Oxalate 

Blood will not clot if calcium ions are removed from its plasma. Some blood collection tubes contain salts of the 
oxalate ion, C204?~, for this purpose ((link]). At sufficiently high concentrations, the calcium and oxalate ions 
form solid, CaC30,4-H»O (which also contains water bound in the solid). The concentration of Ca** in a sample of 
blood serum is 2.2 x 10°? M. What concentration of C204? ion must be established before CaC204-H20 begins 
to precipitate? 


Anticoagulants can be added to blood that will combine with the 
Ca** ions in blood serum and prevent the blood from clotting. 
(credit: modification of work by Neeta Lind) 


Solution 
The equilibrium expression is: 
Equation: 


CaC204(s) = Ca?* (ag) + C204?" (aq) 


For this reaction: 
Equation: 


Ksp = [Car] [C2047] = 1.96 x 10-8 


(see Appendix J) 

CaCO, does not appear in this expression because it is a solid. Water does not appear because it is the solvent. 
Solid CaC2O, does not begin to form until Q equals Ksp. Because we know Kgp and [Ca2*], we can solve for the 
concentration of C2O,4?~ that is necessary to produce the first trace of solid: 

Equation: 


QO] 1G, (Ca Cl Or 5) — 1:96 <0" 


Equation: 


(2.2 x 107%)[C2042-] = 1.96 x 1078 


Equation: 
1.96 x 10°° 
COy || = SS SO 
200 = Oa x 103 
A concentration of [C2042] = 8.9 x 10~ M is necessary to initiate the precipitation of CaCO, under these 
conditions. 
Check Your Learning 


If a solution contains 0.0020 mol of CrO4?~ per liter, what concentration of Ag* ion must be reached by adding 
solid AgNO3 before AgyCrO, begins to precipitate? Neglect any increase in volume upon adding the solid silver 
nitrate. 


Note: 
Answer: 
45x 10°M 


It is sometimes useful to know the concentration of an ion that remains in solution after precipitation. We can use 
the solubility product for this calculation too: If we know the value of K,, and the concentration of one ion in 
solution, we can calculate the concentration of the second ion remaining in solution. The calculation is of the same 
type as that in [link]—calculation of the concentration of a species in an equilibrium mixture from the 
concentrations of the other species and the equilibrium constant. However, the concentrations are different; we are 
calculating concentrations after precipitation is complete, rather than at the start of precipitation. 


Example: 

Concentrations Following Precipitation 

Clothing washed in water that has a manganese [Mn?*(aq)] concentration exceeding 0.1 mg/L (1.8 x 10° M) 
may be stained by the manganese upon oxidation, but the amount of Mn** in the water can be reduced by adding 
a base. If a person doing laundry wishes to add a buffer to keep the pH high enough to precipitate the manganese 
as the hydroxide, Mn(OH),, what pH is required to keep [Mn*"] equal to 1.8 x 10-° M? 

Solution 

The dissolution of Mn(OH), is described by the equation: 

Equation: 


Mn(OH),(s) = Mn** (aq) + 20H (aq) ee eal 
We need to calculate the concentration of OH~ when the concentration of Mn?" is 1.8 x 10~° M. From that, we 
calculate the pH. At equilibrium: 
Equation: 
Ksp = [(Mn?*][OH7]’ 


or 
Equation: 


(1.8 x 10-°)[OH-]? =2 x 10-8 


so 
Equation: 


[(OH7] = 3.3 x 104M 


Now we calculate the pH from the pOH: 
Equation: 


pOH = —log[OH™] = —log(3.3 x 10 — 4) = 3.48 
pH = 14.00 — pOH = 14.00 — 3.80 = 10.52 


If the person doing laundry adds a base, such as the sodium silicate (Na4SiO,4) in some detergents, to the wash 
water until the pH is raised to 10.52, the manganese ion will be reduced to a concentration of 1.8 x 105° M; at that 
concentration or less, the ion will not stain clothing. 

Check Your Learning 

The first step in the preparation of magnesium metal is the precipitation of Mg(OH)> from sea water by the 
addition of Ca(OH)». The concentration of Mg?*(aq) in sea water is 5.37 x 10~* M. Calculate the pH at which 
[Mg?*] is diminished to 1.0 x 10-° M by the addition of Ca(OH)). 


Note: 
Answer: 
10.97 


Due to their light sensitivity, mixtures of silver halides are used in fiber optics for medical lasers, in photochromic 
eyeglass lenses (glass lenses that automatically darken when exposed to sunlight), and—before the advent of 
digital photography — in photographic film. Even though AgCl (K,, = 1.6 x 107'°), AgBr (Ksp = 5.0 x 107 13) and 
Agl (Kgp = 1.5 x 107") are each quite insoluble, we cannot prepare a homogeneous solid mixture of them by 
adding Ag* to a solution of Cl”, Br, and I; essentially all of the AgI will precipitate before any of the other solid 
halides form because of its smaller value for K,,. However, we can prepare a homogeneous mixture of the solids 
by slowly adding a solution of Cl, Br’, and - i a solution of Ag*. 


When two anions form slightly soluble compounds with the same cation, or when two cations form slightly soluble 
compounds with the same anion, the less soluble compound (usually, the compound with the smaller K,y) 
generally precipitates first when we add a precipitating agent to a solution containing both anions (or both cations). 
When the Kg, values of the two compounds differ by two orders of magnitude or more (¢.g., 10° vs. 10~), almost 
all of the less soluble compound precipitates before any of the more soluble one does. This is an example of 
selective precipitation, where a reagent is added to a solution of dissolved ions causing one of the ions to 
precipitate out before the rest. 


Note: 

The Role of Precipitation in Wastewater Treatment 

Solubility equilibria are useful tools in the treatment of wastewater carried out in facilities that may treat the 
municipal water in your city or town ((link]). Specifically, selective precipitation is used to remove contaminants 
from wastewater before it is released back into natural bodies of water. For example, phosphate ions (PO,?~) are 
often present in the water discharged from manufacturing facilities. An abundance of phosphate causes excess 


algae to grow, which impacts the amount of oxygen available for marine life as well as making water unsuitable 


for human consumption. 
z od ~ - a ~" 


Wastewater treatment facilities, such as this one, remove contaminants from 
wastewater before the water is released back into the natural environment. 
(credit: “eutrophication&hypoxia”/Wikimedia Commons) 


One common way to remove phosphates from water is by the addition of calcium hydroxide, known as lime, 
Ca(OH)». As the water is made more basic, the calcium ions react with phosphate ions to produce 
hydroxylapatite, Cas(PO4)30H, which then precipitates out of the solution: 

Equation: 


5Ca?* + 3PO,42" + OH” = Caz(PO,)-OH(s) 


The precipitate is then removed by filtration and the water is brought back to a neutral pH by the addition of CO» 
in a recarbonation process. Other chemicals can also be used for the removal of phosphates by precipitation, 
including iron(IID) chloride and aluminum sulfate. 

View this site for more information on how phosphorus is removed from wastewater. 


Selective precipitation can also be used in qualitative analysis. In this method, reagents are added to an unknown 
chemical mixture in order to induce precipitation. Certain reagents cause specific ions to precipitate out; therefore, 
the addition of the reagent can be used to determine whether the ion is present in the solution. 


Note: 
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View this simulation to study the process of salts dissolving and forming saturated solutions and precipitates for 
specific compounds, or compounds for which you select the charges on the ions and the K,, 


Example: 

Precipitation of Silver Halides 

A solution contains 0.0010 mol of KI and 0.10 mol of KCI per liter. AgNO3 is gradually added to this solution. 
Which forms first, solid AgI or solid AgCl? 


Solution 
The two equilibria involved are: 
Equation: 
AgCl(s) = Ag* (aq) + Cl (ag) Ky, =1.6 < 107° 
Equation: 
AglI(s) = Ag* (aq) +I (aq) Tan 5 10e"° 


If the solution contained about equal concentrations of Cl” and I, then the silver salt with the smallest K,, (AgI) 
would precipitate first. The concentrations are not equal, however, so we should find the [Ag*] at which AgCl 
begins to precipitate and the [Ag*] at which Agl begins to precipitate. The salt that forms at the lower [Ag*] 
precipitates first. 

For AgI: Agl precipitates when Q equals K,, for AgI (1.5 x 10~'®). When [I-] = 0.0010 M: 

Equation: 


Q = [Ag*][I ] = [Ag*](0.0010) = 1.5 x 10-° 
Equation: 


1.5 x 10-16 


=1.6 x 10~° 
0.10 - 


eels 
Agl begins to precipitate when [Ag*] is 1.6 x 10° M. 
For AgCl: AgCl precipitates when Q equals K,, for AgCl (1.6 x 10-!°). When [CI] = 0.10 M: 
Equation: 


Qsp = [Ag*][Cl ] = [Ag*](0.10) = 1.6 x 10-" 
Equation: 


1.6 x 107° 


=1. 10°? M 
0.10 ale 


[Ag’] = 
AgCl begins to precipitate when [Ag*] is 1.6 x 10° M. 
Agl begins to precipitate at a lower [Ag*] than AgCl, so Agl begins to precipitate first. 
Check Your Learning 
If silver nitrate solution is added to a solution which is 0.050 M in both Cl and Br ions, at what [Ag*] would 
precipitation begin, and what would be the formula of the precipitate? 


Note: 
Answer: 
[Ag*] = 1.0 x 10-" M; AgBr precipitates first 


Common Ion Effect 


As we saw when we discussed buffer solutions, the hydronium ion concentration of an aqueous solution of acetic 
acid decreases when the strong electrolyte sodium acetate, NaCH3COs, is added. We can explain this effect using 
Le Chatelier’s principle. The addition of acetate ions causes the equilibrium to shift to the left, decreasing the 
concentration of H30* to compensate for the increased acetate ion concentration. This increases the concentration 
of CH3CO2H: 

Equation: 


CH3CO2H + H2O0 = H307 + CH3CO2— 


Because sodium acetate and acetic acid have the acetate ion in common, the influence on the equilibrium is called 
the common ion effect. 


The common ion effect can also have a direct effect on solubility equilibria. Suppose we are looking at the reaction 
where silver iodide is dissolved: 
Equation: 


Agl(s) = Ag’ (aq) +I (aq) 


If we were to add potassium iodide (KI) to this solution, we would be adding a substance that shares a common ion 
with silver iodide. Le Chatelier’s principle tells us that when a change is made to a system at equilibrium, the 
reaction will shift to counteract that change. In this example, there would be an excess of iodide ions, so the 
reaction would shift toward the left, causing more silver iodide to precipitate out of solution. 
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View this simulation to see how the common ion effect works with different concentrations of salts. 


Example: 

Common Ion Effect 

Calculate the molar solubility of cadmium sulfide (CdS) in a 0.010-M solution of cadmium bromide (CdBry). The 
iol Cass 0 x 10" 

Solution 

The first thing you should notice is that the cadmium sulfide is dissolved in a solution that contains cadmium ions. 
We need to use an ICE table to set up this problem and include the CdBr2 concentration as a contributor of 
cadmium ions: 

Equation: 


CdS(s) = Cd?* (ag) + 8? (aq) 


CdS (s) =—— Cd?* (aq) + S* (aq) 


Initial concentration (M) as 0.010 lL #« | 
Equilibrium concentration (M) 0.010 + x 


Equation: 
oy (est EF) =) oe 
Equation: 
(0.010 + x)(z) =1.0 x 10°-* 
Equation: 


x? +0.0102 —1.0 x 10° =0 


We can solve this equation using the quadratic formula, but we can also make an assumption to make this 
calculation much simpler. Since the K,, value is so small compared with the cadmium concentration, we can 
assume that the change between the initial concentration and the equilibrium concentration is negligible, so that 
0.010 + x ~ 0.010. Going back to our K,, expression, we would now get: 


Equation: 
Key = [Cd?*][S?] = 1.0 x 107% 
Equation: 
(0.010)(x) = 1.0 x 10-8 
Equation: 


xz =1.0 x 10-76 


Therefore, the molar solubility of CdS in this solution is 1.0 x 10-*° M. 

Check Your Learning 

Calculate the molar solubility of aluminum hydroxide, Al(OH)3, in a 0.015-M solution of aluminum nitrate, 
Al(NO3)3. The K,, of Al(OH); is 2 x 10-*?. 


Note: 
Answer: 
4x 10M 


Key Concepts and Summary 


The equilibrium constant for an equilibrium involving the precipitation or dissolution of a slightly soluble ionic 
solid is called the solubility product, K;p, of the solid. When we have a heterogeneous equilibrium involving the 
slightly soluble solid M,X, and its ions M™* and X”: 

Equation: 


M,X,(s) = pM™* (aq) + gX* (aq) 


We write the solubility product expression as: 
Equation: 


Ky = [M™*]? [xe]? 


The solubility product of a slightly soluble electrolyte can be calculated from its solubility; conversely, its 
solubility can be calculated from its K,,, provided the only significant reaction that occurs when the solid dissolves 
is the formation of its ions. 


A slightly soluble electrolyte begins to precipitate when the magnitude of the reaction quotient for the dissolution 
reaction exceeds the magnitude of the solubility product. Precipitation continues until the reaction quotient equals 
the solubility product. 


A reagent can be added to a solution of ions to allow one ion to selectively precipitate out of solution. The 
common ion effect can also play a role in precipitation reactions. In the presence of an ion in common with one of 
the ions in the solution, Le Chatelier’s principle applies and more precipitate comes out of solution so that the 
molar solubility is reduced. 


Key Equations 


* M,X,(s) = pM™* (aq) + gX”" (aq) Keele Pe 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: Complete the changes in concentrations for each of the following reactions: 


A Agl(s) —> Ag*(aq) +I (aq) 


x 


py C200a18) —+ Ca?*(ag)+ CO3?-(aq) 


x 


ig On) —> Mg?’*(aq)+ 20H (aq) 
Cc 
xv = 
ca) MBs (POa)a(s) —> 3Mg?*(aqg)+ 2PO0,°" (aq) 
xv 


fee One) —> 5Ca?*t(aq)+ 3P0,4°"(ag)+ OH (aq) 
e 


x 


Solution: 


is Agl(s) = Ag*(aq)+ I(aq) 
x x 


op) O200s(8) = Ca?*(ag)+ CO3?-(aq) 
x £ 
Mg(OH),(s) = Mg?*(aqg) +20H (aq) 
x 2x 


Mg3(PO.),(s) = 3Mg?*(aq)+ 2PO,4°" (aq) 


(d) 
32 2x 
grrr Ouies 5Ca?*(aq)+ 3PO4?-(aq)+ OH (aq) 
e 
xv 


(c) 


3a x 


Exercise: 


Problem: Complete the changes in concentrations for each of the following reactions: 


gee — Ba?**(aq)+ SOu,?-(aq) 
a 


x 


) Ag,SO4(s) —> 2Ag*(aq)+ SO.?- (aq) 
ae 


gO —> Al**(ag)+ 30H (aq) 


x 


_ One) —> Pb’*(aq)+ OH (ag)+ Cl (aq) 


x 


Ca3(AsO4)2(s) —> 3Ca?t(aq)+ 2AsO,4?- (aq) 
3a a 
Exercise: 
Problem: 


How do the concentrations of Ag* and CrO4?~ ina saturated solution above 1.0 g of solid AgyCrO4 change 
when 100 g of solid Ag»CrOy, is added to the system? Explain. 


Solution: 


There is no change. A solid has an activity of 1 whether there is a little or a lot. 
Exercise: 


Problem: 


How do the concentrations of Pb** and S?- change when KS is added to a saturated solution of PbS? 


Exercise: 


Problem: 


What additional information do we need to answer the following question: How is the equilibrium of solid 
silver bromide with a saturated solution of its ions affected when the temperature is raised? 


Solution: 


The solubility of silver bromide at the new temperature must be known. Normally the solubility increases and 
some of the solid silver bromide will dissolve. 


Exercise: 


Problem: 


Which of the following slightly soluble compounds has a solubility greater than that calculated from its 
solubility product because of hydrolysis of the anion present: CoSO3, Cul, PbCO3, PbCly, Tl2S, KC1O4? 


Exercise: 


Problem: 


Which of the following slightly soluble compounds has a solubility greater than that calculated from its 
solubility product because of hydrolysis of the anion present: AgCl, BaSO4, CaF, Hgolo, MnCO3, ZnS, PbS? 


Solution: 


CaF>, MnCOs, and ZnS 
Exercise: 


Problem: 


Write the ionic equation for dissolution and the solubility product (K,,) expression for each of the following 
slightly soluble ionic compounds: 


(a) PbCl, 

(b) AgoS 

(c) Sr3(PO4)2 
(d) SrSO, 


Exercise: 


Problem: 


Write the ionic equation for the dissolution and the K,, expression for each of the following slightly soluble 
ionic compounds: 


(a) LaF3 

(b) CaCO3 
(c) Ag,SO4 
(d) Pb(OH)> 
Solution: 


(a) LaF 3(s) = La** (aq) + 3F (aq) Ky = La’ t|[F- Ps 
(b) CaCO3(s) = Ca?* (aq) + CO3?- (aq) Ke = [Ca"*|[COs"- |; 


(c) Ag,SO4(s) = 2Ag* (ag) + SO,” (aq) 
(d) Pb(OH),(s) = Pb?* (ag) + 20H (aq) 


Exercise: 


2 = 
Kp = [Ag*] [S04]; 
Kp = [Pb?*][OH-]? 
Problem: 
The Handbook of Chemistry and Physics gives solubilities of the following compounds in grams per 100 mL 
of water. Because these compounds are only slightly soluble, assume that the volume does not change on 
dissolution and calculate the solubility product for each. 
(a) BaSiF¢, 0.026 g/100 mL (contains SiF¢?~ ions) 
(b) Ce(IO3)4, 1.5 x 10°? g/100 mL 
(c) Gd2(SO4)3, 3.98 g/100 mL 


(d) (NH,)>PtBrg, 0.59 g/100 mL (contains PtBrg?~ ions) 
Exercise: 


Problem: 

The Handbook of Chemistry and Physics gives solubilities of the following compounds in grams per 100 mL 
of water. Because these compounds are only slightly soluble, assume that the volume does not change on 
dissolution and calculate the solubility product for each. 

(a) BaSeOy, 0.0118 g/100 mL 

(b) Ba(BrO3)9°H20, 0.30 g/100 mL 

(c) NHaMgAsO,'6H20, 0.038 g/100 mL 

(d) Lap(MoOg)3, 0.00179 g/100 mL 


Solution: 


(ajl.77 * 10°77; (b) 1.6 «10°: (6) 2.2 * 10: (7.91. x 10-7 
Exercise: 


Problem: 


Use solubility products and predict which of the following salts is the most soluble, in terms of moles per 
liter, in pure water: CaF», Hg»Clo, PbIy, or Sn(OH)>. 


Exercise: 


Problem: 


Assuming that no equilibria other than dissolution are involved, calculate the molar solubility of each of the 
following from its solubility product: 


(a) KHC4H40g 

(b) PbI> 

(c) Ag4[Fe(CN)g], a salt containing the Fe(CN),~ ion 
(d) Hgoly 


Solution: 


(a) 2 x 10-* M; (b) 1.5 x 10-3 M; (c) 2.27 x 10-° M; (d) 2.2 x 10°19 M 
Exercise: 
Problem: 


Assuming that no equilibria other than dissolution are involved, calculate the molar solubility of each of the 
following from its solubility product: 


(a) Ag2SO4 
(b) PbBr, 
(c) Agi 


(d) CaC,0,4°H,O 
Exercise: 


Problem: 


Assuming that no equilibria other than dissolution are involved, calculate the concentration of all solute 
species in each of the following solutions of salts in contact with a solution containing a common ion. Show 
that changes in the initial concentrations of the common ions can be neglected. 


(a) AgCl(s) in 0.025 M NaCl 

(b) CaF>(s) in 0.00133 M KF 

(c) Ag2SO,(s) in 0.500 L of a solution containing 19.50 g of K»SO4 
(d) Zn(OH)>(s) in a solution buffered at a pH of 11.45 

Solution: 


(a) 6.4 x 10°° M = [Ag"], [Cl] = 0.025 M 

Check: 84% 10M x 100% = 2.6 x 10° %,an insignificant change; 

(b) 2.2 x 107° M = [Ca**], [F-] = 0.0013 M 

Check: 2.2610 x 100% = 1.70%. This value is less than 5% and can be ignored. 
(c) 0.2238 M = [SO4? |; [Ag*] =7.4 x 10°M 

Check: 37x10" x 100% = 1.64 x 10~?; the condition is satisfied. 

(d) [OH-] = 2.8 x 10° M; 5.7 x 10° M= [Zn?*] 


Check: ole x 100% = 2.0 x 107%; x is less than 5% of [OH™] and is, therefore, negligible. 


Exercise: 
Problem: 
Assuming that no equilibria other than dissolution are involved, calculate the concentration of all solute 
species in each of the following solutions of salts in contact with a solution containing a common ion. Show 
that changes in the initial concentrations of the common ions can be neglected. 
(a) TICI(s) in 1.250 M HCl 
(b) PbIp(s) in 0.0355 M Cal» 
(c) Ag2CrO,(s) in 0.225 L of a solution containing 0.856 g of KxCrO, 


(d) Cd(OH)p(s) in a solution buffered at a pH of 10.995 


Exercise: 


Problem: 


Assuming that no equilibria other than dissolution are involved, calculate the concentration of all solute 
species in each of the following solutions of salts in contact with a solution containing a common ion. Show 
that it is not appropriate to neglect the changes in the initial concentrations of the common ions. 


(a) TICI(s) in 0.025 M TINO3 

(b) BaF>(s) in 0.0313 M KF 

(c) MgC 0, in 2.250 L of a solution containing 8.156 g of Mg(NO3)> 
(d) Ca(OH)>(s) in an unbuffered solution initially with a pH of 12.700 
Solution: 


(a) [Cl] =7.6 x 103M 


Check: 2919" x 100% = 30% 


This value is too large to drop x. Therefore solve by using the quadratic equation: 
[Ti*] = 3.1 x 10?M 

[Cl] = 6.1 x 10° 

(b) [Ba**] = 7.7 x 107M 


Check: 210" x 100% = 2.4% 


Therefore, the condition is satisfied. 
[Ba**] = 7.7 x 107M 

[F ] = 0.0321 M; 

(c) Mg(NO3)2 = 0.02444 M 
e204" |= 2.9 * 10° 


Check: 2910" x 100% = 0.12% 


The condition is satisfied; the above value is less than 5%. 
[C204?-] = 2.9 x 10°° M 

[Mg?*] = 0.0244 M 

(d) [OH ] = 0.0501 M 

[Ca**] =3.15 x 107% 


Check: 24210" x 100% = 6.28 % 


This value is greater than 5%, so a more exact method, such as successive approximations, must be used. 
[Ca*"] = 2.8 x 10° M 
[OH] = 0.053 x 10? M 


Exercise: 


Problem: Explain why the changes in concentrations of the common ions in [link] can be neglected. 
Exercise: 

Problem: Explain why the changes in concentrations of the common ions in [link] cannot be neglected. 

Solution: 


The changes in concentration are greater than 5% and thus exceed the maximum value for disregarding the 
change. 


Exercise: 


Problem: Calculate the solubility of aluminum hydroxide, Al(OH)s, in a solution buffered at pH 11.00. 


Exercise: 


Problem: 


Refer to Appendix J for solubility products for calcium salts. Determine which of the calcium salts listed is 
most soluble in moles per liter and which is most soluble in grams per liter. 


Solution: 


CaSO,:2H20 is the most soluble Ca salt in mol/L, and it is also the most soluble Ca salt in g/L. 
Exercise: 
Problem: 
Most barium compounds are very poisonous; however, barium sulfate is often administered internally as an 
aid in the X-ray examination of the lower intestinal tract ((link]). This use of BaSOy is possible because of its 


low solubility. Calculate the molar solubility of BaSO, and the mass of barium present in 1.00 L of water 
saturated with BaSOq. 


Exercise: 


Problem: 


Public Health Service standards for drinking water set a maximum of 250 mg/L (2.60 x 10-° M) of SO4?- 
because of its cathartic action (it is a laxative). Does natural water that is saturated with CaSO, (“gyp” water) 
as a result or passing through soil containing gypsum, CaSO4-2H2O, meet these standards? What is the 
concentration of SO4?~ in such water? 


Solution: 


4.8 x 10° M = [SO4?7] = [Ca?*]; Since this concentration is higher than 2.60 x 10-° M, “gyp” water does 
not meet the standards. 


Exercise: 
Problem: Perform the following calculations: 
(a) Calculate [Ag”] in a saturated aqueous solution of AgBr. 
(b) What will [Ag’] be when enough KBr has been added to make [Br ] = 0.050 M? 


(c) What will [Br-] be when enough AgNO; has been added to make [Ag*] = 0.020 M? 
Exercise: 


Problem: 


The solubility product of CaSO4:2H20 is 2.4 x 10~°. What mass of this salt will dissolve in 1.0 L of 0.010 M 
S042"? 


Solution: 

Mass (CaSO4:2H20) = 0.72 g/L 
Exercise: 

Problem: 


Assuming that no equilibria other than dissolution are involved, calculate the concentrations of ions ina 
saturated solution of each of the following (see Appendix J for solubility products). 


(a) TIC] 

(b) BaF 

(c) AgoCrO4 

(d) CaC,0,:H,O 


(e) the mineral anglesite, PbSO, 
Exercise: 


Problem: 


Assuming that no equilibria other than dissolution are involved, calculate the concentrations of ions in a 
saturated solution of each of the following (see Appendix J for solubility products): 


(a) Agl 

(b) Ag SO, 

(c) Mn(OH)> 

(d) St(OH)>°8H>0 

(e) the mineral brucite, Mg(OH)> 

Solution: 

(a) [Ag*] = [I-] = 1.3 x 10 M; (b) [Ag*] = 2.88 x 10-* M, [SO4?-]= 1.44 x 10°? M; (c) [Mn?*] = 3.7 x 


10~° M, [OH"] = 7.4 x 107° M; (d) [Sr**] = 4.3 x 10°? M, [OH™] = 8.6 x 10°? M; (e) [Mg?*] = 1.3 x 10M, 
[OH-] = 2.6 x 107M. 


Exercise: 


Problem: 


The following concentrations are found in mixtures of ions in equilibrium with slightly soluble solids. From 
the concentrations given, calculate Ksp for each of the slightly soluble solids indicated: 


(a) AgBr: [Ag*] = 5.7 x 10~’ M, [Br] = 5.7 x 10-7 M 

(b) CaCO3: [Ca**] = 5.3 x 10-3 M, [CO37-] = 9.0 x 10-7 M 
(c) PbF,: [Pb?*] = 2.1 x 10° M, [F-] =4.2 x 103M 

(d) AgCrO,: [Ag*] = 5.3 x 10° M, 3.2 x 103M 


(e) InF;;: [In°*] = 2.3 x 10° M, [F] = 7.0 x 103M 
Exercise: 


Problem: 


The following concentrations are found in mixtures of ions in equilibrium with slightly soluble solids. From 
the concentrations given, calculate K,, for each of the slightly soluble solids indicated: 


(a) TICI: [Tl*] = 1.21 x 10 M, [Cl] =1.2 x 102M 
(b) Ce(IO3)4: [Ce**] = 1.8 x 10+ M, [1037] = 2.6 x 10-8 M 


(c) Gd(SOx4)3: [Gd?"] = 0.132 M, [S042] = 0.198 M 


(d) Ag SO,: [Ag*] = 2.40 x 10-* M, [SO4?-] = 2.05 x 10° M 
(e) BaSOg: [Ba?*] = 0.500 M, [SO4?"] = 2.16 x 10°!° M 
Solution: 


(a) 1.7 x 10; (b) 8.2 x 107: (c) 1.35 x 10; (d) 1.18 x 10>; (e) 1.08 x 1o-"° 
Exercise: 


Problem: 


Which of the following compounds precipitates from a solution that has the concentrations indicated? (See 
Appendix J for K,, values.) 


(a) KC1O,: [K*] = 0.01 M, [C1047] = 0.01 M 
(b) KoPtCle: [K*] = 0.01 M, [PtClg?~] = 0.01 M 
(c) Pblz: [Pb**] = 0.003 M, [I-] = 1.3 x 10° M 


(d) AgoS: [Ag*] = 1 x 107! M, [S77] =1 x 10° 3 uM 
Exercise: 


Problem: 


Which of the following compounds precipitates from a solution that has the concentrations indicated? (See 
Appendix J for Ksp values.) 


(a) CaCO3: [Ca2*] = 0.003 M, [CO3?-] = 0.003 M 

(b) Co(OH)»: [Co**] = 0.01 M, [OH-] = 1 x 10-7 M 

(c) CaHPO,: [Ca?*] = 0.01 M, [HPO4?-] = 2 x 10°M 
(d) Pb3(PO,),: [Pb7*] = 0.01 M, [PO4?-]=1 x 10° M 
Solution: 


(a) CaCO3 does precipitate. 

(b) The compound does not precipitate. 
(c) The compound does not precipitate. 
(d) The compound precipitates. 


Exercise: 


Problem: 


Calculate the concentration of TIl* when TIC] just begins to precipitate from a solution that is 0.0250 M in CI. 
Exercise: 


Problem: 


Calculate the concentration of sulfate ion when BaSO, just begins to precipitate from a solution that is 0.0758 
M in Ba*"*. 


Solution: 


3.03 x 10°7 M 


Exercise: 


Problem: 


Calculate the concentration of Sr** when SrF; starts to precipitate from a solution that is 0.0025 M in F-. 
Exercise: 


Problem: 


Calculate the concentration of PO4?~ when Ag3PO,j starts to precipitate from a solution that is 0.0125 M in 
Ag*. 


Solution: 
9.2 x 10 3M 


Exercise: 


Problem: 


Calculate the concentration of F~ required to begin precipitation of CaF in a solution that is 0.010 M in Ca?*. 
Exercise: 


Problem: 


Calculate the concentration of Ag* required to begin precipitation of AgyCO3 in a solution that is 2.50 x 10° 
Min CO. 


Solution: 


[Ag*] =1.8 x 103M 


Exercise: 


Problem: What [Ag’] is required to reduce [C0377] to 8.2 x 10+ M by precipitation of Ag»CO3? 


Exercise: 


Problem: What [F-] is required to reduce [Ca**] to 1.0 x 10~4 M by precipitation of CaF? 


Solution: 


6.3 x 10+ 
Exercise: 
Problem: 
A volume of 0.800 L of a2 x 10-*-M Ba(NO3), solution is added to 0.200 L of 5 x 10+ M Li,SO,. Does 
BaSO, precipitate? Explain your answer. 
Exercise: 
Problem: 
Perform these calculations for nickel(I) carbonate. (a) With what volume of water must a precipitate 


containing NiCO3 be washed to dissolve 0.100 g of this compound? Assume that the wash water becomes 
saturated with NiCO3 (Ksp = 1.36 x 10’). 


(b) If the NiCO3 were a contaminant in a sample of CoCO3 (Kgp = 1.0 x 10-!*), what mass of CoCO3 would 
have been lost? Keep in mind that both NiCO3 and CoCO3 dissolve in the same solution. 


Solution: 


(a) 2.25 L; (6) 7.2 x 10°’ g 
Exercise: 
Problem: 
Iron concentrations greater than 5.4 x 10° M in water used for laundry purposes can cause staining. What 
[OH"] is required to reduce [Fe**] to this level by precipitation of Fe(OH) ? 
Exercise: 
Problem: 


A solution is 0.010 M in both Cu?* and Cd**. What percentage of Cd?* remains in the solution when 99.9% 
of the Cu** has been precipitated as CuS by adding sulfide? 


Solution: 


100% of it is dissolved 
Exercise: 
Problem: 
A solution is 0.15 M in both Pb* and Ag*. If Cl- is added to this solution, what is [Ag*] when PbCl, begins 
to precipitate? 
Exercise: 
Problem: 
What reagent might be used to separate the ions in each of the following mixtures, which are 0.1 M with 


respect to each ion? In some cases it may be necessary to control the pH. (Hint: Consider the K,, values given 
in Appendix J.) 


(a) Hg,?* and Cu?* 
(b) SO4?- and Cl- 
(c) Hg** and Co** 
(d) Zn?* and Sr°* 
(e) Ba** and Mg?* 
(f) CO3?~ and OH~ 
Solution: 


(a) Hg,?+ and Cu**: Add SO4?-. 
(b) SO42> and Cl: Add Ba?*. 
(c) Hg** and Co**: Add S*-. 
(d) Zn?* and Sr**: Add OH~ until [OH] = 0.050 M. 
(e) Ba** and Mg?*: Add SO42-. 
(f) CO32~ and OH: Add Ba?*. 
Exercise: 


Problem: 


A solution contains 1.0 x 10-° mol of KBr and 0.10 mol of KCI per liter. AgNO3 is gradually added to this 
solution. Which forms first, solid AgBr or solid AgCl? 


Exercise: 


Problem: 


A solution contains 1.0 x 10-? mol of KI and 0.10 mol of KCl per liter. AgNO3 is gradually added to this 
solution. Which forms first, solid AgI or solid AgCl? 


Solution: 


Agl will precipitate first. 

Exercise: 
Problem: 
The calcium ions in human blood serum are necessary for coagulation ([link]). Potassium oxalate, KyC Ox, is 
used as an anticoagulant when a blood sample is drawn for laboratory tests because it removes the calcium as 
a precipitate of CaCO4'H)0O. It is necessary to remove all but 1.0% of the Ca** in serum in order to prevent 
coagulation. If normal blood serum with a buffered pH of 7.40 contains 9.5 mg of Ca** per 100 mL of serum, 
what mass of KyC Oy is required to prevent the coagulation of a 10 mL blood sample that is 55% serum by 


volume? (All volumes are accurate to two significant figures. Note that the volume of serum in a 10-mL 
blood sample is 5.5 mL. Assume that the K,, value for CaCO, in serum is the same as in water.) 


Exercise: 
Problem: 
About 50% of urinary calculi (kidney stones) consist of calcium phosphate, Ca3(PO4)>. The normal mid range 
calcium content excreted in the urine is 0.10 g of Ca?* per day. The normal mid range amount of urine passed 


may be taken as 1.4 L per day. What is the maximum concentration of phosphate ion that urine can contain 
before a calculus begins to form? 


Solution: 


1.5 3: 10°? 
Exercise: 
Problem: 
The pH of normal urine is 6.30, and the total phosphate concentration ([PO,?~] + [HPO4?-] + [H2PO47| + 


[H3PO,]) is 0.020 M. What is the minimum concentration of Ca** necessary to induce kidney stone 
formation? (See [link] for additional information.) 


Exercise: 


Problem: 


Magnesium metal (a component of alloys used in aircraft and a reducing agent used in the production of 
uranium, titanium, and other active metals) is isolated from sea water by the following sequence of reactions: 


Mg”* (aq) + Ca(OH),(aq) —+ Mg(OH),(s) + Ca?* (aq) 
Mg(OH),(s) + 2HCl(aq) —> MgCl,(s) + 2H20(1) 


electrolysis 


MgCl, (1) ———-+ Mg(s) + Cla(g) 


Sea water has a density of 1.026 g/cm? and contains 1272 parts per million of magnesium as Mg”*(aq) by 
mass. What mass, in kilograms, of Ca(OH), is required to precipitate 99.9% of the magnesium in 1.00 x 10° 
L of sea water? 


Solution: 


3.99 kg 
Exercise: 


Problem: 


Hydrogen sulfide is bubbled into a solution that is 0.10 M in both Pb?* and Fe** and 0.30 M in HCI. After the 
solution has come to equilibrium it is saturated with HyS ([H2S] = 0.10 M). What concentrations of Pb* and 
Fe?* remain in the solution? For a saturated solution of H2S we can use the equilibrium: 

Equation: 


H2S(aq) + 2H2O(1) = 2H30* (aq) + S? (aq) K=1.0 x 10°” 


(Hint: The [H30*] changes as metal sulfides precipitate.) 


Exercise: 


Problem: Perform the following calculations involving concentrations of iodate ions: 


(a) The iodate ion concentration of a saturated solution of La(IO3)3 was found to be 3.1 x 10~° mol/L. Find 
the Ksp. 


(b) Find the concentration of iodate ions in a saturated solution of Cu(IO3)2 (Ksp = 7.4 x 10°), 
Solution: 


(a) 3.1 x 10°"; (b) [Cu**] = 2.6 x 10°; [1037] =5.3 x 10° 


Exercise: 


Problem: Calculate the molar solubility of AgBr in 0.035 M NaBr (K,) =5 x to), 
Exercise: 


Problem: 
How many grams of Pb(OH)» will dissolve in 500 mL of a 0.050-M PbCly solution (K,, = 1.2 x 10}? 
Solution: 


1.8 x 10-° g Pb(OH), 
Exercise: 
Problem: 
Use the simulation from the earlier Link to Learning to complete the following exercise:. Using 0.01 g CaF), 


give the K,, values found in a 0.2-M solution of each of the salts. Discuss why the values change as you 
change soluble salts. 


Exercise: 
Problem: 
How many grams of Milk of Magnesia, Mg(OH), (s) (58.3 g/mol), would be soluble in 200 mL of water. K,, 


=7.1 x 10-. Include the ionic reaction and the expression for Kg in your answer. (Ky = 1 x 10-4 = [H, oF ] 
[OH ]) 


Solution: 


Mg(OH),(s) = Mg?* + 20H~ Kp = [Mg?*][OH-|’ 
1.23 x 1073 g Mg(OH), 


Exercise: 


Problem: 


Two hypothetical salts, LM and LQ, have the same molar solubility in H2O. If Ksp for LMp is 3.20 x 10°°: 
what is the Ksp value for LQ? 


Exercise: 


Problem: Which of the following carbonates will form first? Which of the following will form last? Explain. 


(a) MgCO, Ku= sox 10-* 
(b) CaCO3 Ka=42 510-4 
(c) SrCO3 Kp 3.0 5000 

(d) BaCO3 Ke =44 10° 
(e) MnCO3 Ro = bi x10 
Solution: 


MnCOs will form first, since it has the smallest K,, value it is the least soluble. MnCO3 will be the last to 
precipitate, it has the largest K;, value. 


Exercise: 
Problem: 


How many grams of Zn(CN)>(s) (117.44 g/mol) would be soluble in 100 mL of HO? Include the balanced 
reaction and the expression for Kg, in your answer. The K,, value for Zn(CN)9(s) is 3.0 x 10%: 


Glossary 


common ion effect 
effect on equilibrium when a substance with an ion in common with the dissolved species is added to the 
solution; causes a decrease in the solubility of an ionic species, or a decrease in the ionization of a weak acid 
or base 


molar solubility 
solubility of a compound expressed in units of moles per liter (mol/L) 


selective precipitation 
process in which ions are separated using differences in their solubility with a given precipitating reagent 


solubility product (K,,) 
equilibrium constant for the dissolution of a slightly soluble electrolyte 
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In our bodies, in our homes, and in our industrial society, acids and bases 
play key roles. Proteins, enzymes, blood, genetic material, and other 
components of living matter contain both acids and bases. We seem to like 
the sour taste of acids; we add them to soft drinks, salad dressings, and 
spices. Many foods, including citrus fruits and some vegetables, contain 
acids. Cleaners in our homes contain acids or bases. Acids and bases play 
important roles in the chemical industry. Currently, approximately 36 
million metric tons of sulfuric acid are produced annually in the United 
States alone. Huge quantities of ammonia (8 million tons), urea (10 million 
tons), and phosphoric acid (10 million tons) are also produced annually. 


This chapter will illustrate the chemistry of acid-base reactions and 
equilibria, and provide you with tools for quantifying the concentrations of 
acids and bases in solutions. 


Brgnsted-Lowry Acids and Bases 
By the end of this section, you will be able to: 


e Identify acids, bases, and conjugate acid-base pairs according to the Brgnsted-Lowry 
definition 

e Write equations for acid and base ionization reactions 

e Use the ion-product constant for water to calculate hydronium and hydroxide ion 
concentrations 

e Describe the acid-base behavior of amphiprotic substances 


Acids and bases have been known for a long time. When Robert Boyle characterized them 
in 1680, he noted that acids dissolve many substances, change the color of certain natural 
dyes (for example, they change litmus from blue to red), and lose these characteristic 
properties after coming into contact with alkalis (bases). In the eighteenth century, it was 
recognized that acids have a sour taste, react with limestone to liberate a gaseous 
substance (now known to be CO>), and interact with alkalis to form neutral substances. In 
1815, Humphry Davy contributed greatly to the development of the modern acid-base 
concept by demonstrating that hydrogen is the essential constituent of acids. Around that 
same time, Joseph Louis Gay-Lussac concluded that acids are substances that can 
neutralize bases and that these two classes of substances can be defined only in terms of 
each other. The significance of hydrogen was reemphasized in 1884 when Svante 
Arrhenius defined an acid as a compound that dissolves in water to yield hydrogen cations 
(now recognized to be hydronium ions) and a base as a compound that dissolves in water 
to yield hydroxide anions. 


In an earlier chapter on chemical reactions, we defined acids and bases as Arrhenius did: 
We identified an acid as a compound that dissolves in water to yield hydronium ions 
(H30°) and a base as a compound that dissolves in water to yield hydroxide ions (OH ). 
This definition is not wrong; it is simply limited. 


Later, we extended the definition of an acid or a base using the more general definition 
proposed in 1923 by the Danish chemist Johannes Brgnsted and the English chemist 
Thomas Lowry. Their definition centers on the proton, H*. A proton is what remains when 
the most common isotope of hydrogen, !H, loses an electron. A compound that donates a 
proton to another compound is called a Brgnsted-Lowry acid, and a compound that 
accepts a proton is called a Brgnsted-Lowry base. An acid-base reaction is the transfer of 
a proton from a proton donor (acid) to a proton acceptor (base). In a subsequent chapter of 
this text we will introduce the most general model of acid-base behavior introduced by the 
American chemist G. N. Lewis. 


Acids may be compounds such as HCl or H»SOy,, organic acids like acetic acid 
(CH3COOH) or ascorbic acid (vitamin C), or H»O. Anions (such as HSO4~ , H2POq", 
HS”, and HCO3_ ) and cations (such as H30*, NH4", and [Al(H2 O),\"") may also act 
as acids. Bases fall into the same three categories. Bases may be neutral molecules (such 


as HO, NH3, and CH3NH;), anions (such as OH’, HS-, HCO3~, CO3?-, F, and 
PO,° ), or cations (such as [Al(H,O),OH] *+) ‘The most familiar bases are ionic 
compounds such as NaOH and Ca(OH),, which contain the hydroxide ion, OH’. The 
hydroxide ion in these compounds accepts a proton from acids to form water: 
Equation: 


Ht+OH —> HO 


We call the product that remains after an acid donates a proton the conjugate base of the 
acid. This species is a base because it can accept a proton (to re-form the acid): 
Equation: 

acid = proton + conjugate base 

HF = Ht+F- 

H2SO, = Ht + HSO4~ 

H,0 = H* + OH” 

HSO,- = Ht + SO,?2- 

NH,t = Ht +NH3 


We call the product that results when a base accepts a proton the base’s conjugate acid. 
This species is an acid because it can give up a proton (and thus re-form the base): 
Equation: 


= 


base + proton = conjugate acid 
OH +H*t = HO 
H,0+H' = H30° 
NH3; +H" = NH,t 
s?-+Ht = HS” 
CO32- +H*t = HCO37 
F-+Ht = HF 


In these two sets of equations, the behaviors of acids as proton donors and bases as proton 
acceptors are represented in isolation. In reality, all acid-base reactions involve the transfer 
of protons between acids and bases. For example, consider the acid-base reaction that 
takes place when ammonia is dissolved in water. A water molecule (functioning as an 
acid) transfers a proton to an ammonia molecule (functioning as a base), yielding the 
conjugate base of water, OH , and the conjugate acid of ammonia, NH4?: 


Conjugate acid-base pair Conjugate acid-base pair 


H.O (acid) OH (conjugate base) NH, (base) NH . (conjugate acid) 


ay Remove H* @ iain H* 


H,O() + NH(aq) = OH (aq) +  NH,*(aq) 
Acid Base Conjugate base Conjugate acid 


The reaction between a Brgnsted-Lowry acid and water is called acid ionization. For 
example, when hydrogen fluoride dissolves in water and ionizes, protons are transferred 
from hydrogen fluoride molecules to water molecules, yielding hydronium ions and 
fluoride ions: 


_ [H,0°F] 
~ [HF] 


Acid Base Acid Base 


When we add a base to water, a base ionization reaction occurs in which protons are 
transferred from water molecules to base molecules. For example, adding pyridine to 
water yields hydroxide ions and pyridinium ions: 


H x / * if 
—C Cc—C 

| I \ 4 XN 7 

O—H + :N Cc—H = |H—N C—H| + [:6—+] 
— Sag _ [CsNH,"][OH ] 
/ \ / \ [C5NHs] 
H H H H 

HO + CNH, —— CNH,” + OH 

Acid Base Acid Base 


Notice that both these ionization reactions are represented as equilibrium processes. The 
relative extent to which these acid and base ionization reactions proceed is an important 
topic treated in a later section of this chapter. In the preceding paragraphs we saw that 
water can function as either an acid or a base, depending on the nature of the solute 


dissolved in it. In fact, in pure water or in any aqueous solution, water acts both as an acid 
and a base. A very small fraction of water molecules donate protons to other water 
molecules to form hydronium ions and hydroxide ions: 


| | i] 
>O—H + :O—H <= |H—O—H| + [so] 
H0 + 4H,0 = H,0°* + OH 
Acid Base Acid Base 


This type of reaction, in which a substance ionizes when one molecule of the substance 
reacts with another molecule of the same substance, is referred to as autoionization. 


Pure water undergoes autoionization to a very slight extent. Only about two out of every 
10° molecules in a sample of pure water are ionized at 25 °C. The equilibrium constant for 
the ionization of water is called the ion-product constant for water (K,,): 

Equation: 


H,O(1) + H,O(l) = H30* (aq) + OH (aq) Ky = [H30*|[OH | 


The slight ionization of pure water is reflected in the small value of the equilibrium 
constant; at 25 °C, K,, has a value of 1.0 x 107!*. The process is endothermic, and so the 
extent of ionization and the resulting concentrations of hydronium ion and hydroxide ion 
increase with temperature. For example, at 100 °C, the value for K,, is about 5.6 x 10713, 
roughly 50 times larger than the value at 25 °C. 


Example: 

Ion Concentrations in Pure Water 

What are the hydronium ion concentration and the hydroxide ion concentration in pure 
water at 25 °C? 

Solution 

The autoionization of water yields the same number of hydronium and hydroxide ions. 
Therefore, in pure water, [H30°] = [OH ]. At 25 °C: 

Equation: 


Ky = [H;07][OH | a [H;0+]? = [OH-]? —1.0 x 10-4 


So: 
Equation: 


[H,07| =|OH ]=V160 x 10 "=10 x 10’ 


The hydronium ion concentration and the hydroxide ion concentration are the same, and 
we find that both equal 1.0 x 1077 M. 

Check Your Learning 

The ion product of water at 80 °C is 2.4 x 107!8. What are the concentrations of 
hydronium and hydroxide ions in pure water at 80 °C? 


Note: 
Answer: 
[H30*] = [OH] = 4.9 x 10°” M 


It is important to realize that the autoionization equilibrium for water is established in all 
aqueous solutions. Adding an acid or base to water will not change the position of the 
equilibrium. [link] demonstrates the quantitative aspects of this relation between 
hydronium and hydroxide ion concentrations. 


Example: 

The Inverse Proportionality of [H;0*] and [OH ] 

A solution of carbon dioxide in water has a hydronium ion concentration of 2.0 x 107° 
M. What is the concentration of hydroxide ion at 25 °C? 


Solution 

We know the value of the ion-product constant for water at 25 °C: 

Equation: 

2H,O(1) = H30* (aq) + OH (aq) K,, = [H30*][OH |= 1.0 x 10°“ 


Thus, we can calculate the missing equilibrium concentration. 

Rearrangement of the K,, expression yields that [OH ] is directly proportional to the 
inverse of [H30°): 

Equation: 


Ky 1.0 <x 10°" 
Se 
[H30*] 2.0 x 10°° 


The hydroxide ion concentration in water is reduced to 5.0 x 10°? M as the hydronium 
ion concentration increases to 2.0 x 10~© M. This is expected from Le Chatelier’s 
principle; the autoionization reaction shifts to the left to reduce the stress of the increased 
hydronium ion concentration and the [OH | is reduced relative to that in pure water. 

A check of these concentrations confirms that our arithmetic is correct: 

Equation: 


k= |H30 (OH | = 2.0.x 10° )\(G.0% 10-7) = 10% 107 


Check Your Learning 


What is the hydronium ion concentration in an aqueous solution with a hydroxide ion 
concentration of 0.001 M at 25 °C? 


Note: 
Answer: 
[H,0°]=1 x 10"M 


Amphiprotic Species 


Like water, many molecules and ions may either gain or lose a proton under the 
appropriate conditions. Such species are said to be amphiprotic. Another term used to 
describe such species is amphoteric, which is a more general term for a species that may 
act either as an acid or a base by any definition (not just the Bronsted-Lowry one). 
Consider for example the bicarbonate ion, which may either donate or accept a proton as 
shown here: 

Equation: 


HCO3 (aq) + H2O(I) = CO32- (aq) + H30* (aq) 
HCO3 (aq) + H2O(1) = H2CO3(aq) + OH (aq) 


Example: 

Representing the Acid-Base Behavior of an Amphoteric Substance 
Write separate equations representing the reaction of HSO3~ 

(a) as an acid with OH” 

(b) as a base with HI 


Solution 

(a) HSO3 7 (aq) + OH (aq) = SO3? (aq) + H2O(I) 

(b) HSO3 (aq) + HI(aqg) = H2SO3(aq) +1 (aq) 

Check Your Learning 

Write separate equations representing the reaction of HyPO4— 
(a) as a base with HBr 

(b) as an acid with OH 


Note: 

Answer: 

(a) H2PO.4 (aq) + HBr(ag) = H3POx.(aq) + Br’ (aq); (b) 
HPO, (aq) + OH (aq) = HPO,?" (aq) + H2O(I) 


Key Concepts and Summary 


A compound that can donate a proton (a hydrogen ion) to another compound is called a 
Brgnsted-Lowry acid. The compound that accepts the proton is called a Brgnsted-Lowry 
base. The species remaining after a Bronsted-Lowry acid has lost a proton is the conjugate 
base of the acid. The species formed when a Brgnsted-Lowry base gains a proton is the 
conjugate acid of the base. Thus, an acid-base reaction occurs when a proton is transferred 
from an acid to a base, with formation of the conjugate base of the reactant acid and 
formation of the conjugate acid of the reactant base. Amphiprotic species can act as both 
proton donors and proton acceptors. Water is the most important amphiprotic species. It 
can form both the hydronium ion, H30", and the hydroxide ion, OH” when it undergoes 
autoionization: 

Equation: 


2H20(l1) = H30* (aq) + OH (aq) 
The ion product of water, K,, is the equilibrium constant for the autoionization reaction: 
Equation: 


Ky = [H30*] [OH™] =1.0 x 107 at 25 °C 


Key Equations 


e K, =[H30°][OH ] = 1.0 x 10° (at 25 °C) 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 
Write equations that show NH3 as both a conjugate acid and a conjugate base. 
Solution: 


One example for NH3 as a conjugate acid: NH2~ + H* —> NHs3; as a conjugate 
base: NH,‘ (aq) + OH (aq) —> NH3(aq) + H2O(I) 


Exercise: 


Problem: Write equations that show H2POy, acting both as an acid and as a base. 
Exercise: 


Problem: 


Show by suitable net ionic equations that each of the following species can act as a 
Bronsted-Lowry acid: 


(a) H30° 

(b) HCl 

(c) NH3 

(d) CH3;CO,H 

(e) NH4* 

(f) HSO4- 

Solution: 

(a) H30' (aq) —> H'(aq) + H20(1); (b) HCl(aq) —> H'(aq) + Cl (aq); ©) 
NH3(ag) —> H* (aq) + NH2~ (aq); (d) 


CH3CO,H(aq) —> H* (aq) + CH3CO, (aq); (e) 
NH,* (aq) —> H*(aq) + NH3(aq); (f) HSO4~ (aq) —> H* (aq) + SO4? (aq) 


Exercise: 


Problem: 


Show by suitable net ionic equations that each of the following species can act as a 
Brgnsted-Lowry acid: 


(a) HNO3 

(b) PH4t 

(c) HoS 

(d) CH3CH,COOH 
(e) H2PO47 


(f) HS™ 
Exercise: 


Problem: 


Show by suitable net ionic equations that each of the following species can act as a 
Brgnsted-Lowry base: 


(a) HO 

(b) OH 

(c) NH3 

(d) CN- 

(e) S* 

(f) H2PO4- 

Solution: 

(a) H2O(l) + H* (aq) —> H30* (aq); (b) OH (aq) + H" (ag) —> H20(1); ©) 
NH3(ag) + H* (aq) —> NH4* (aq); (d) CN (aq) + H* (ag) —> HCN(aq); 


(e) S* (aq) + H* (aq) —+ HS (aq); (f) 
H,PO,4 (aq) +H" (aq) —> H3PO,(aq) 


Exercise: 


Problem: 


Show by suitable net ionic equations that each of the following species can act as a 
Brgnsted-Lowry base: 


(a) HS” 

(b) POg>- 

(c) NH2~ 

(d) C,;H;0H 

(e) O* 

(f) H2PO47 
Exercise: 

Problem: 


What is the conjugate acid of each of the following? What is the conjugate base of 
each? 


(a) OH” 
(b) H,O 

(c) HCO3- 
(d) NH3 

(ce) HSO4- 
(f) H»O> 
(g) HS” 

(h) H5Ny+ 
Solution: 


(a) H2O, O7 '; (b) H30*, OH; (c) H2CO3, C037"; (d) NHut, NH2~; (e) H2SOu, 
S04”; (f) H302+T, HO2; (g) H2S; $7; (h) HeNo?*, HyN> 


Exercise: 


Problem: 


What is the conjugate acid of each of the following? What is the conjugate base of 
each? 


(a) HS 
(b) H»PO4~ 
(c) PH3 

(d) HS" 

(ce) HSO3~ 
(f) H3O2+ 
(g) H4N> 


(h) CH30H 
Exercise: 


Problem: 


Identify and label the Bronsted-Lowry acid, its conjugate base, the Bronsted-Lowry 
base, and its conjugate acid in each of the following equations: 


(a) HNO3 +H,0 —> H30* + NO3~ 
(b) CN" + HO —> HCN+ OH™ 

(c) H,.SO4 + Cl” —> HCl+ HSO,~ 
(d) HSO4~ +OH” —>+ SO4?- +H2O 
(e) O07 + H2O — 20H 


(f) 
[Cu(H20)3(OH)]* + [Al(H20),]°* —+ [Cu(H20),]°* + [Al(H20),(OH)]|** 


(g) H2S + NH2- —> HS +NHsz3 
Solution: 


The labels are Brgnsted-Lowry acid = BA; its conjugate base = CB; Brgnsted-Lowry 
base = BB; its conjugate acid = CA. (a) HNO3(BA), H»O(BB), H30*(CA), 


NO; (CB); (b) CN (BB), H2O0(BA), HCN(CA), OH (CB); (c) HySO,(BA), CI" 
(BB), HCl(CA), HSO4~ (CB); (d) HSO4” (BA), OH (BB), SO4?- (CB), H2O(CA); 
(e) 0? (BB), HyO(BA) OH (CB and CA); (f) [Cu(H20)3(OH)]*(BB), [Al(H20)¢]** 
(BA), [Cu(H20),4]°*(CA), [Al(H20)s(OH)]}°*(CB); (g) H2S(BA), NH." (BB), HS” 
(CB), NH3(CA) 


Exercise: 


Problem: 


Identify and label the Bronsted-Lowry acid, its conjugate base, the Brgnsted-Lowry 
base, and its conjugate acid in each of the following equations: 


(a) NO.~ +H,O —> HNO, + OH™ 
(b) HBr + H,O —> H30* + Br~ 

(c) HS- +H,O —> H,S+ OH 

(d) H»PO,- +OH” —>» HPO,? + H2O 
(e) H,PO4,~ + HCl —> H3PO,4 + Cl” 


(f) 
[Fe(H20);(OH)]** + [Al(H20),]"" —+ [Fe(H20),]°* + [Al(H20);(OH)]"* 


(gs) CH30H+H —> CH30° + He 


Exercise: 


Problem: What are amphiprotic species? Illustrate with suitable equations. 
Solution: 


Amphiprotic species may either gain or lose a proton in a chemical reaction, thus 
acting as a base or an acid. An example is H)O. As an acid: 

H,O(aq) + NH3(aqg) = NH4* (aq) + OH (aq). Asa base: 

H2O(aqg) + HCl(aq) = H30* (aq) + Cl (aq) 


Exercise: 


Problem: 


State which of the following species are amphiprotic and write chemical equations 
illustrating the amphiprotic character of these species: 


(a) H 2,0 


(b) H2PO4~ 
(c) S* 

(d) CO32- 
(e) HSO4- 


Exercise: 


Problem: 


State which of the following species are amphiprotic and write chemical equations 
illustrating the amphiprotic character of these species. 


(a) NH3 

(b) HPO,” 

(c) Br- 

(d) NH4* 

(e) ASO43- 

Solution: 

amphiprotic: (a) NH; + H30* —> NH,OH + H2O, 
NH3 + OCH; —> NH» + CH30OH8,; (b) 
HPO.” +OH” —> PO,? +H,0, 


HPO,2- + HClO, —> H2PO,4~ + ClO4~; not amphiprotic: (c) Br; (d) NH4*; 
(e) AsO,3- 


Exercise: 


Problem: 
Is the self ionization of water endothermic or exothermic? The ionization constant for 
water (K,,) is 2.9 x 1074 at 40 °C and 9.3 x 10°'4 at 60 °C. 
Glossary 
acid ionization 
reaction involving the transfer of a proton from an acid to water, yielding hydronium 


ions and the conjugate base of the acid 


amphiprotic 


species that may either gain or lose a proton in a reaction 


amphoteric 
species that can act as either an acid or a base 


autoionization 
reaction between identical species yielding ionic products; for water, this reaction 
involves transfer of protons to yield hydronium and hydroxide ions 


base ionization 
reaction involving the transfer of a proton from water to a base, yielding hydroxide 
ions and the conjugate acid of the base 


Brgnsted-Lowry acid 
proton donor 


Brgnsted-Lowry base 
proton acceptor 


conjugate acid 
substance formed when a base gains a proton 


conjugate base 
substance formed when an acid loses a proton 


ion-product constant for water (K,,) 
equilibrium constant for the autoionization of water 


pH and pOH 
By the end of this section, you will be able to: 


e Explain the characterization of aqueous solutions as acidic, basic, or 
neutral 

e Express hydronium and hydroxide ion concentrations on the pH and 
pOH scales 

e Perform calculations relating pH and pOH 


As discussed earlier, hydronium and hydroxide ions are present both in pure 
water and in all aqueous solutions, and their concentrations are inversely 
proportional as determined by the ion product of water (K,,). The 
concentrations of these ions in a solution are often critical determinants of 
the solution’s properties and the chemical behaviors of its other solutes, and 
specific vocabulary has been developed to describe these concentrations in 
relative terms. A solution is neutral if it contains equal concentrations of 
hydronium and hydroxide ions; acidic if it contains a greater concentration 
of hydronium ions than hydroxide ions; and basic if it contains a lesser 
concentration of hydronium ions than hydroxide ions. 


A common means of expressing quantities, the values of which may span 
many orders of magnitude, is to use a logarithmic scale. One such scale that 
is very popular for chemical concentrations and equilibrium constants is 
based on the p-function, defined as shown where “X” is the quantity of 
interest and “log” is the base-10 logarithm: 

Equation: 


pX = —log X 


The pH of a solution is therefore defined as shown here, where [H30"] is 
the molar concentration of hydronium ion in the solution: 
Equation: 


pH = —log[H30*] 


Rearranging this equation to isolate the hydronium ion molarity yields the 
equivalent expression: 
Equation: 


[H30'] = 10-P# 
Likewise, the hydroxide ion molarity may be expressed as a p-function, or 


pOH: 
Equation: 


pOH = —log/OH | 
or 
Equation: 
[OH | 0-8" 
Finally, the relation between these two ion concentration expressed as p- 


functions is easily derived from the K,, expression: 
Equation: 


K,, = [H;0*] [OH | 
Equation: 
—log K,, = —log ([H30*] [OH ]) = —log[H,0*] + —log[OH | 
Equation: 


pk,, = pH + pOH 


At 25 °C, the value of Ky is 1.0 x 107!4, and so: 
Equation: 


14.00 = pH + pOH 


As was shown in [link], the hydronium ion molarity in pure water (or any 
neutral solution) is 1.0 x 10°” M at 25 °C. The pH and pOH of a neutral 
solution at this temperature are therefore: 

Equation: 


pH = —log[H30*] = —log(1.0 x 107’) = 7.00 
Equation: 


pOH = —log[OH | = —log(1.0 x 10~") = 7.00 


And so, at this temperature, acidic solutions are those with hydronium ion 
molarities greater than 1.0 x 1077 M and hydroxide ion molarities less than 
1.0 x 10°” M (corresponding to pH values less than 7.00 and pOH values 
greater than 7.00). Basic solutions are those with hydronium ion molarities 
less than 1.0 x 10-7 M and hydroxide ion molarities greater than 1.0 x 
10°” M (corresponding to pH values greater than 7.00 and pOH values less 
than 7.00). 


Since the autoionization constant K,, is temperature dependent, these 
correlations between pH values and the acidic/neutral/basic adjectives will 
be different at temperatures other than 25 °C. For example, the “Check 
Your Learning” exercise accompanying [link] showed the hydronium 
molarity of pure water at 80 °C is 4.9 x 10°” M, which corresponds to pH 
and pOH values of: 

Equation: 


pH = —log[H30*] = —log(4.9 x 107") = 6.31 
Equation: 
pOH = —logi/OH | = —log(4.9 x 107") = 6.31 


At this temperature, then, neutral solutions exhibit pH = pOH = 6.31, acidic 
solutions exhibit pH less than 6.31 and pOH greater than 6.31, whereas 


basic solutions exhibit pH greater than 6.31 and pOH less than 6.31. This 
distinction can be important when studying certain processes that occur at 
nonstandard temperatures, such as enzyme reactions in warm-blooded 
organisms. Unless otherwise noted, references to pH values are presumed to 
be those at standard temperature (25 °C) ([link)). 


Summary of Relations for Acidic, Basic and Neutral Solutions 


Classification Relative Ion Concentrations pH at 25 °C 
acidic [H30*] > [OH™] pH <7 
neutral [H30*] = [OH] pH=7 
basic [H30*] < [OH] pH>7 


[link] shows the relationships between [H30°], [OH ], pH, and pOH, and 
gives values for these properties at standard temperatures for some common 
substances. 


101 15 


-1 


1MHCI acidic 


gastric juice 

lime juice 

1 M CH3CO,H (vinegar) 
stomach acid 

wine 

orange juice 

coffee 

rain water 


pure water neutral 
blood 


ocean water 
baking soda 


Milk of Magnesia 


household ammonia, NH, 


bleach 


1 M NaOH 


The pH and pOH scales represent concentrations of [H30*] and OH’, 
respectively. The pH and pOH values of some common substances at 
standard temperature (25 °C) are shown in this chart. 


Example: 

Calculation of pH from [H,0°*] 

What is the pH of stomach acid, a solution of HCl with a hydronium ion 
concentration of 1.2 x 10°? M? 

Solution 


Equation: 

pH = —log[H30*] 
Equation: 

— —log(1.2 x 10-3) 
Equation: 


= —(—2.92) = 2.92 


(The use of logarithms is explained in Appendix B. Recall that, as we have 
done here, when taking the log of a value, keep as many decimal places in 
the result as there are significant figures in the value.) 

Check Your Learning 

Water exposed to air contains carbonic acid, HyCOs3, due to the reaction 
between carbon dioxide and water: 

Equation: 


CO2(aq) + H20(1) = H2CO3(aq) 


Air-saturated water has a hydronium ion concentration caused by the 
dissolved CO, of 2.0 x 10°© M, about 20-times larger than that of pure 
water. Calculate the pH of the solution at 25 °C. 


Note: 
Answer: 
5.70 


Example: 


Calculation of Hydronium Ion Concentration from pH 
Calculate the hydronium ion concentration of blood, the pH of which is 7.3 


(slightly alkaline). 
Solution 
Equation: 
pH = —log[H30°] = 7.3 
Equation: 
log[H30*] = —7.3 
Equation: 


[H30*] = 10-** or [H307] = antilog of —7.3 
Equation: 


[H30*] =5 x 10 °M 


(On a calculator take the antilog, or the “inverse” log, of —7.3, or calculate 
NOe723) 

Check Your Learning 

Calculate the hydronium ion concentration of a solution with a pH of 
SAO: 


Note: 
Answer: 
12 M 


Note: 


Environmental Science 

Normal rainwater has a pH between 5 and 6 due to the presence of 
dissolved CO, which forms carbonic acid: 

Equation: 


HO (1) ar CO2(g) — H2CO3(aq) 
Equation: 
H»CO3(aq) = H*(aq) + HCO3 (aq) 


Acid rain is rainwater that has a pH of less than 5, due to a variety of 
nonmetal oxides, including CO», SO», SO3, NO, and NO> being dissolved 
in the water and reacting with it to form not only carbonic acid, but sulfuric 
acid and nitric acid. The formation and subsequent ionization of sulfuric 
acid are shown here: 

Equation: 


HO (1) ae SO3(g) —> H2SO,(aq) 
Equation: 
H»SOxu(aq) —> H*(aq) + HSOx, (aq) 


Carbon dioxide is naturally present in the atmosphere because we and most 
other organisms produce it as a waste product of metabolism. Carbon 
dioxide is also formed when fires release carbon stored in vegetation or 
when we burn wood or fossil fuels. Sulfur trioxide in the atmosphere is 
naturally produced by volcanic activity, but it also stems from burning 
fossil fuels, which have traces of sulfur, and from the process of “roasting” 
ores of metal sulfides in metal-refining processes. Oxides of nitrogen are 
formed in internal combustion engines where the high temperatures make 
it possible for the nitrogen and oxygen in air to chemically combine. 

Acid rain is a particular problem in industrial areas where the products of 
combustion and smelting are released into the air without being stripped of 
sulfur and nitrogen oxides. In North America and Europe until the 1980s, it 
was responsible for the destruction of forests and freshwater lakes, when 
the acidity of the rain actually killed trees, damaged soil, and made lakes 


uninhabitable for all but the most acid-tolerant species. Acid rain also 
corrodes statuary and building facades that are made of marble and 
limestone ([link]). Regulations limiting the amount of sulfur and nitrogen 
oxides that can be released into the atmosphere by industry and 
automobiles have reduced the severity of acid damage to both natural and 
manmade environments in North America and Europe. It is now a growing 
problem in industrial areas of China and India. 

For further information on acid rain, visit this website hosted by the US 
Environmental Protection Agency. 


(a) 


(a) Acid rain makes trees more susceptible to drought and insect 
infestation, and depletes nutrients in the soil. (b) It also is corrodes 
statues that are carved from marble or limestone. (credit a: 
modification of work by Chris M Morris; credit b: modification of 
work by “Eden, Janine and Jim”/Flickr) 


Example: 

Calculation of pOH 

What are the pOH and the pH of a 0.0125-M solution of potassium 
hydroxide, KOH? 

Solution 


Potassium hydroxide is a highly soluble ionic compound and completely 
dissociates when dissolved in dilute solution, yielding [OH ] = 0.0125 M: 
Equation: 

pOH = —log|OH | = —log 0.0125 
Equation: 


= —(—1.903) = 1.903 


The pH can be found from the pOH: 


Equation: 
pH + pOH = 14.00 
Equation: 
pH = 14.00 — pOH = 14.00 — 1.903 = 12.10 
Check Your Learning 


The hydronium ion concentration of vinegar is approximately 4 x 10° M. 
What are the corresponding values of pOH and pH? 


Note: 
Answer: 
pOH = 11.6, pH = 2.4 


The acidity of a solution is typically assessed experimentally by 
measurement of its pH. The pOH of a solution is not usually measured, as it 
is easily calculated from an experimentally determined pH value. The pH of 
a solution can be directly measured using a pH meter ([link]). 


(a) A research-grade pH meter used in a laboratory can have a 
resolution of 0.001 pH units, an accuracy of + 0.002 pH units, and may 
cost in excess of $1000. (b) A portable pH meter has lower resolution 
(0.01 pH units), lower accuracy (+ 0.2 pH units), and a far lower price 
tag. (credit b: modification of work by Jacopo Werther) 


The pH of a solution may also be visually estimated using colored 
indicators ({link]). 


(a) (b) 


(a) A universal indicator assumes a different color in solutions of 


different pH values. Thus, it can be added to a solution to determine 
the pH of the solution. The eight vials each contain a universal 
indicator and 0.1-M solutions of progressively weaker acids: HCl (pH 
= |), CH3CO>H (pH = 3), and NH,Cl (pH = 5), deionized water, a 
neutral substance (pH = 7); and 0.1-M solutions of the progressively 
stronger bases: KCl (pH = 7), aniline, CsH;NH> (pH = 9), NH3 (pH = 
11), and NaOH (pH = 13). (b) pH paper contains a mixture of 
indicators that give different colors in solutions of differing pH values. 
(credit: modification of work by Sahar Atwa) 


Key Concepts and Summary 


The concentration of hydronium ion in a solution of an acid in water is 
greater than 1.0 x 10°” M at 25 °C. The concentration of hydroxide ion ina 
solution of a base in water is greater than 1.0 x 10°’ M at 25 °C. The 
concentration of H3O* ina solution can be expressed as the pH of the 
solution; pH = —logH3O°. The concentration of OH” can be expressed as 
the pOH of the solution: pOH = —log[OH ]. In pure water, pH = 7.00 and 
pOH = 7.00 


Key Equations 


¢ pH = —log[H30"] 

¢ pOH = -log[OH ] 

¢ [H,0*] = 10 P# 

¢ [OH] = 10°PO# 

e pH + pOH = pK,, = 14.00 at 25 °C 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Explain why a sample of pure water at 40 °C is neutral even though 
[H,0*] = 1.7 x 10°7 M. K,, is 2.9 x 10 “at 40°C. 


Solution: 


In a neutral solution [H30*] = [OH]. At 40 °C, 

[H,0*] = [OH] =(2.910-")'* = 1.7 x 10°”. 
Exercise: 

Problem: 

The ionization constant for water (K,,) is 2.9 x 10° ‘4 at 40 °C. 

Calculate [H30°], [OH ], pH, and pOH for pure water at 40 °C. 
Exercise: 

Problem: 


The ionization constant for water (K,,) is 9.311 x 107! at 60 °C. 
Calculate [H30°], [OH ], pH, and pOH for pure water at 60 °C. 


Solution: 


xX = 3.051 x 10°? M = [H,0*] = [OH] 
pH = —log3.051 x 10°7 = -(-6.5156) = 6.5156 
pOH = pH = 6.5156 


Exercise: 


Problem: 


Calculate the pH and the pOH of each of the following solutions at 25 
°C for which the substances ionize completely: 


(a) 0.200 M HCl 


(b) 0.0143 M NaOH 


(c) 3.0 M HNO; 


(d) 0.0031 M Ca(OH)» 
Exercise: 


Problem: 


Calculate the pH and the pOH of each of the following solutions at 25 
°C for which the substances ionize completely: 


(a) 0.000259 M HClO, 
(b) 0.21 M NaOH 
(c) 0.000071 M Ba(OH)> 


(d) 2.5 M KOH 
Solution: 


(a) pH = 3.587; pOH = 10.413; (b) pH = 0.68; pOH = 13.32; (c) poOH 
= 3.85; pH = 10.15; (d) pH = —0.40; pOH = 14.4 

Exercise: 
Problem: 
What are the pH and pOH of a solution of 2.0 M HCl, which ionizes 
completely? 

Exercise: 
Problem: 


What are the hydronium and hydroxide ion concentrations in a 
solution whose pH is 6.52? 


Solution: 


[H,0*] = 3.0 x 10°” M; [OH] = 3.3 x 108M 


Exercise: 
Problem: 
Calculate the hydrogen ion concentration and the hydroxide ion 
concentration in wine from its pH. See [link] for useful information. 
Exercise: 
Problem: 
Calculate the hydronium ion concentration and the hydroxide ion 


concentration in lime juice from its pH. See [link] for useful 
information. 


Solution: 


[H,0°] =1 x 107M; [OH ]=1 x10" M 
Exercise: 
Problem: 
The hydronium ion concentration in a sample of rainwater is found to 


be 1.7 x 10 © Mat 25 °C. What is the concentration of hydroxide ions 
in the rainwater? 


Exercise: 


Problem: 
The hydroxide ion concentration in household ammonia is 3.2 x 10° 
M at 25 °C. What is the concentration of hydronium ions in the 


solution? 


Solution: 


[OH] =3.1 x 10° 12M 


Glossary 


acidic 
describes a solution in which [H30*] > [OH ] 


basic 
describes a solution in which [H30*] < [OH ] 


neutral 
describes a solution in which [H30*] = [OH ] 


pH 
logarithmic measure of the concentration of hydronium ions in a 
solution 


pOH 
logarithmic measure of the concentration of hydroxide ions in a 
solution 


Relative Strengths of Acids and Bases 
By the end of this section, you will be able to: 


e Assess the relative strengths of acids and bases according to their ionization constants 
e Rationalize trends in acid—base strength in relation to molecular structure 
e Carry out equilibrium calculations for weak acid—base systems 


We can rank the strengths of acids by the extent to which they ionize in aqueous solution. The reaction of an acid 
with water is given by the general expression: 
Equation: 


HA(aq) + H,O(1) = H30* (aq) + A (aq) 


Water is the base that reacts with the acid HA, A’ is the conjugate base of the acid HA, and the hydronium ion is 
the conjugate acid of water. A strong acid yields 100% (or very nearly so) of H30* and A’ when the acid ionizes 
in water; [link] lists several strong acids. A weak acid gives small amounts of H3;07 andA’. 


6 Strong Acids 6 Strong Bases 
HCIO, perchloric acid LiOH lithium hydroxide 
HCl hydrochloric acid | NaOH sodium hydroxide 


Some of the common strong acids and bases are listed here. 


The relative strengths of acids may be determined by measuring their equilibrium constants in aqueous solutions. 
In solutions of the same concentration, stronger acids ionize to a greater extent, and so yield higher concentrations 
of hydronium ions than do weaker acids. The equilibrium constant for an acid is called the acid-ionization 
constant, K,. For the reaction of an acid HA: 

Equation: 


HA(aq) + H,O(l) = H30* (aq) + A (aq), 


we write the equation for the ionization constant as: 
Equation: 


where the concentrations are those at equilibrium. Although water is a reactant in the reaction, it is the solvent as 
well, so we do not include [HzO] in the equation. The larger the K, of an acid, the larger the concentration of 
H30* and A‘ relative to the concentration of the nonionized acid, HA. Thus a stronger acid has a larger ionization 
constant than does a weaker acid. The ionization constants increase as the strengths of the acids increase. (A table 
of ionization constants of weak acids appears in Appendix H, with a partial listing in [link].) 


The following data on acid-ionization constants indicate the order of acid strength CH3CO2H < HNO) < HSO,g" : 
Equation: 


CH3CO2H(aq) + H2O(l) = H30*(aq) + CH3CO2 (aq) K,=1.8 x 10° 
Equation: 
HNO»(aq) + H2,O(1) = H30*(aq) + NO» (aq) K,=46 x 10-4 
Equation: 
HSO, (aq) + H,O(aq) = H30*(aq) + SO,” (aq) K,=1.2 x 10° 


Another measure of the strength of an acid is its percent ionization. The percent ionization of a weak acid is the 
ratio of the concentration of the ionized acid to the initial acid concentration, times 100: 
Equation: 


H30T 
% ionization = [30 "leg x 100 


[HA], 


Because the ratio includes the initial concentration, the percent ionization for a solution of a given weak acid varies 
depending on the original concentration of the acid, and actually decreases with increasing acid concentration. 


Example: 

Calculation of Percent Ionization from pH 

Calculate the percent ionization of a 0.125-M solution of nitrous acid (a weak acid), with a pH of 2.09. 
Solution 

The percent ionization for an acid is: 

Equation: 


[H307],, 
——— x 100 
[HNO3|, 


The chemical equation for the dissociation of the nitrous acid is: 

HNO,(aq) + H,O(1) = NO2~(aq) + H30* (aq). Since 10°PH = [H,0°], we find that 10-2 = 8.1 x 10° M, 
so that percent ionization is: 

Equation: 


8.1 x 10°? 


100 = 6.5 
0.125. ~*~ 0 


Remember, the logarithm 2.09 indicates a hydronium ion concentration with only two significant figures. 
Check Your Learning 
Calculate the percent ionization of a 0.10-M solution of acetic acid with a pH of 2.89. 


Note: 
Answer: 
1.3% ionized 


We can rank the strengths of bases by their tendency to form hydroxide ions in aqueous solution. The reaction of a 
Bronsted-Lowry base with water is given by: 
Equation: 


B(aqg) + H2,O(l) = HB*(aq) + OH (aq) 


Water is the acid that reacts with the base, HB* is the conjugate acid of the base B, and the hydroxide ion is the 
conjugate base of water. A strong base yields 100% (or very nearly so) of OH~ and HB* when it reacts with water; 
[link] lists several strong bases. A weak base yields a small proportion of hydroxide ions. Soluble ionic hydroxides 
such as NaOH are considered strong bases because they dissociate completely when dissolved in water. 


Note: 


openstax 
AEs 
aa 


View the simulation of strong and weak acids and bases at the molecular level. 


As we did with acids, we can measure the relative strengths of bases by measuring their base-ionization constant 
(K,) in aqueous solutions. In solutions of the same concentration, stronger bases ionize to a greater extent, and so 
yield higher hydroxide ion concentrations than do weaker bases. A stronger base has a larger ionization constant 
than does a weaker base. For the reaction of a base, B: 

Equation: 


B(aq) + H2,O(1) = HB*(aq) + OH (ag), 


we write the equation for the ionization constant as: 
Equation: 
HB*] |OH™ 
iy — BBO 
[B] 


where the concentrations are those at equilibrium. Again, we do not include [HO] in the equation because water is 
the solvent. The chemical reactions and ionization constants of the three bases shown are: 
Equation: 


NO, (aq) + H,O(l) = HNO2(aq) + OH (ag) Ky = 2.22 x 10°" 


Equation: 
CH3CO, (aq) + H2,O(l) = CH3CO2H(aq) + OH (aq) K, =5.6 x 107° 
Equation: 
NH3(aqg) + H,O(l) = NH,‘ (aq) + OH (aq) Ky =1.8 x 10°° 
A table of ionization constants of weak bases appears in Appendix I (with a partial list in [link]). As with acids, 
percent ionization can be measured for basic solutions, but will vary depending on the base ionization constant and 
the initial concentration of the solution. 


Consider the ionization reactions for a conjugate acid-base pair, HA — A’: 


Equation: 
HA H,O(1) = H;0* AW x, = #807] [A] 
(aq) + H2,0(1) = H30*(aq) + A (aq) °~ THA] 
Equation: 
A (aq) + H,O(l) = OH (aq) + HA(aq) K,= ar sa 


Adding these two chemical equations yields the equation for the autoionization for water: 
Equation: 


HAteg} + H20(1) +A-teg} + H2O(l) = H30*(aq) + A-tagq)} + OH (aq) + HAteg) 
Equation: 


2H,O(1) = H30*(ag) + OH (aq) 


Because of the way mass-action expressions are defined, the K expression for any chemical equation that is 
derived by adding together two or more other equations is equal to the mathematical product of the other 
equations’ K expressions. Multiplying the mass-action expressions together and canceling common terms, we see 
that: 

Equation: 


[H;0*}[A] _ [HA] [OH ] 


Kk, x Ky= HAI x [A] 


= [H,0*] [OH-] = Ky 


For example, the acid ionization constant of acetic acid (CH3COOH) is 1.8 x 107°, and the base ionization 
constant of its conjugate base, acetate ion (CH3COO_), is 5.6 x 10°'°. The product of these two constants is 
indeed equal to Ky: 

Equation: 


K, x Ky= (1.8 x 10°°) x (5.6 x 10°") =1.0 x 10 “=K, 
The extent to which an acid, HA, donates protons to water molecules depends on the strength of the conjugate 


base, A , of the acid. If A” is a strong base, any protons that are donated to water molecules are recaptured by A. 
Thus there is relatively little A” and H307 in solution, and the acid, HA, is weak. If Av is a weak base, water 


binds the protons more strongly, and the solution contains primarily AT and H30*—the acid is strong. Strong acids 
form very weak conjugate bases, and weak acids form stronger conjugate bases ([link]). 
Relative acid strength 


H,CO, CH,COOH NH," 


1.0 10-2 10° 10° 106°° sa 10714 10-14 


Relative conjugate base strength 


Weaker HCO,” CH,COO- NH, OH- Stronger 
bases bases 
K, 10° 10 10-70 10-8 10-6 10+ 10° 1.0 


This diagram shows the relative strengths of conjugate acid-base pairs, as indicated by their ionization 
constants in aqueous solution. 


[link] lists a series of acids and bases in order of the decreasing strengths of the acids and the corresponding 
increasing strengths of the bases. The acid and base in a given row are conjugate to each other. 


perchloric acid perchlorate ion 
sulfuric acid Undergo | Do not hydrogen sulfate ion 


hydrogen iodide complete | undergo iodide ion 
acid base 


ionization | ionization 
hydrogen chloride in water | in water chloride ion 


nitric acid nitrate ion 


hydrogen bromide bromide ion 


hydronium ion water 

hydrogen sulfate ion sulfate ion 

phosphoric acid dihydrogen phosphate ion 
hydrogen fluoride fluoride ion 

nitrous acid nitrite ion 

acetic acid acetate ion 

carbonic acid hydrogen carbonate ion 


hydrogen sulfide hydrogen sulfide ion 
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ammonium ion ammonia 
hydrogen cyanide cyanide ion 
hydrogen carbonate ion carbonate ion 
water hydroxide ion 


hydrogen sulfide ion sulfide ion 
Do not Undergo 
undergo complete 
ammonia acid base amide ion 
ionization | ionization 
in water in water 

methane methide ion 


ethanol ethoxide ion 


hydrogen hydride ion 


The chart shows the relative strengths of conjugate acid-base pairs. 


The first six acids in [link] are the most common strong acids. These acids are completely dissociated in aqueous 
solution. The conjugate bases of these acids are weaker bases than water. When one of these acids dissolves in 
water, their protons are completely transferred to water, the stronger base. 


Those acids that lie between the hydronium ion and water in [link] form conjugate bases that can compete with 
water for possession of a proton. Both hydronium ions and nonionized acid molecules are present in equilibrium in 
a solution of one of these acids. Compounds that are weaker acids than water (those found below water in the 
column of acids) in [link] exhibit no observable acidic behavior when dissolved in water. Their conjugate bases are 
stronger than the hydroxide ion; if any conjugate base were formed, it would react with water to form the 
hydroxide ion. 


The extent to which a base forms hydroxide ion in aqueous solution depends on the strength of the base relative to 
that of the hydroxide ion, as shown in the last column in [link]. A strong base, such as one of those lying below 
hydroxide ion, accepts protons from water to yield 100% of the conjugate acid and hydroxide ion. Those bases 
lying between water and hydroxide ion accept protons from water, but a mixture of the hydroxide ion and the base 


results. Bases that are weaker than water (those that lie above water in the column of bases) show no observable 
basic behavior in aqueous solution. 


Example: 

The Product K, x Ky, = Ky 

Use the Ky for the nitrite ion, NO , to calculate the K, for its conjugate acid. 

Solution 

K, for NO>2° is given in this section as 2.17 x 10-!!. The conjugate acid of NO2~ is HNO; K, for HNO» can be 
calculated using the relationship: 

Equation: 


K, x Ky=1.0 x 10°“=K, 


Solving for K,, we get: 
Equation: 


K, Ox 10572 A 
C= =46 x 107 
Ky 217-5 10> 


This answer can be verified by finding the K, for HNO» in Appendix H. 

Check Your Learning 

We can determine the relative acid strengths of NH4* and HCN by comparing their ionization constants. The 
ionization constant of HCN is given in Appendix H as 4.9 x 10°!°. The ionization constant of NH4* is not listed, 
but the ionization constant of its conjugate base, NH3, is listed as 1.8 x 107°. Determine the ionization constant of 
NH,", and decide which is the stronger acid, HCN or NH". 


Note: 
Answer: 
NH," is the slightly stronger acid (K, for NH4* = 5.6 x 107), 


The Ionization of Weak Acids and Weak Bases 


Many acids and bases are weak; that is, they do not ionize fully in aqueous solution. A solution of a weak acid in 
water is a mixture of the nonionized acid, hydronium ion, and the conjugate base of the acid, with the nonionized 
acid present in the greatest concentration. Thus, a weak acid increases the hydronium ion concentration in an 
aqueous solution (but not as much as the same amount of a strong acid). 


Acetic acid, CH3CO>5H, is a weak acid. When we add acetic acid to water, it ionizes to a small extent according to 
the equation: 
Equation: 


CH3;CO2H(aq) + H20(1) = H30*(aq) + CH3CO2 (aq), 


giving an equilibrium mixture with most of the acid present in the nonionized (molecular) form. This equilibrium, 
like other equilibria, is dynamic; acetic acid molecules donate hydrogen ions to water molecules and form 
hydronium ions and acetate ions at the same rate that hydronium ions donate hydrogen ions to acetate ions to 
reform acetic acid molecules and water molecules. We can tell by measuring the pH of an aqueous solution of 


known concentration that only a fraction of the weak acid is ionized at any moment ([link]). The remaining weak 
acid is present in the nonionized form. 


For acetic acid, at equilibrium: 

Equation: 

[H30*][(CH3CO> | 
[CH3CO2H] 


K,= =1.8 x 10° 


ydrion™ 
apersG@iay) 
Mico Essential Laboratory, B'khya N.Y. 11210 0.5.4. 
i 
eH7 8 9 


pH paper indicates that a 0.1-M solution of HCl (beaker on left) has a pH of 1. The acid is fully ionized and 
[H30*] = 0.1 M. A 0.1-M solution of CH3CO>H (beaker on right) is a pH of 3 ([H307] = 0.001 M) because 
the weak acid CH3CO)H is only partially ionized. In this solution, [H30*] < [CH3CO}H]. (credit: 
modification of work by Sahar Atwa) 


Ionization Constants of Some Weak Acids 


Ionization Reaction K, at 25 °C 
HSO, +H,O0 = H30*7 + S0,?- 1.2% 107 
HF + H.,0 = H30* + F~ 3.5 x 104 
HNO, +H,0 = H30* +NOq7 4.6 x 10+ 
HCNO + H,0 = H30* + NCO- 2 10% 

HCO,H+H,O = H,0* + HCO. 1.8 x 1074 
CH3;CO,H + H,0 = H30* + CH3CO.— 1.8 x 10° 
HCIO +H,0 = H;0* + CIO~ 2.9 x 10°8 
HBrO + H,O = H30* + BrO™ 2.8 x 10°9 
HCN + H.O = H30* + CN7 4.9 x 10°19 


[link] gives the ionization constants for several weak acids; additional ionization constants can be found in 
Appendix H. 


At equilibrium, a solution of a weak base in water is a mixture of the nonionized base, the conjugate acid of the 
weak base, and hydroxide ion with the nonionized base present in the greatest concentration. Thus, a weak base 
increases the hydroxide ion concentration in an aqueous solution (but not as much as the same amount of a strong 
base). 


For example, a solution of the weak base trimethylamine, (CH3)3N, in water reacts according to the equation: 
Equation: 


(CH3),N(aq) + H2O0(l) = (CH3),NH ‘ (aq) + OH (aq), 


giving an equilibrium mixture with most of the base present as the nonionized amine. This equilibrium is 
analogous to that described for weak acids. 


We can confirm by measuring the pH of an aqueous solution of a weak base of known concentration that only a 
fraction of the base reacts with water ([link]). The remaining weak base is present as the unreacted form. The 
equilibrium constant for the ionization of a weak base, Ky, is called the ionization constant of the weak base, and is 
equal to the reaction quotient when the reaction is at equilibrium. For trimethylamine, at equilibrium: 

Equation: 


[(CHs),;NH*] [OH] 
[(CHs),N] 


Ky = 


PH paper indicates that a 0.1-M solution of NHs (left) is weakly basic. The 
solution has a pOH of 3 ([OH ] = 0.001 M) because the weak base NH3 
only partially reacts with water. A 0.1-M solution of NaOH (right) has a 

pOH of 1 because NaOH is a strong base. (credit: modification of work by 

Sahar Atwa) 


The ionization constants of several weak bases are given in [link] and in Appendix I. 


Ionization Constants of Some Weak Bases 


Ionization Reaction Ky, at 25 °C 

(CH3),NH + H,0 = (CH3),NH2* + OH” 5.9 x 1074 

CH3NH2 + H2O = CH3NH3* + OH” 4.4 x 104 

(CH3),N + H,O = (CH3),NH* + OH™ 6.3 x 10° 

NH; + H,0 = NH,* + OH 1.8 x 10° 

Cs6HsNH2 + HxO0 = CeNsNH3* + OH” 45% 10°" 
Example: 


Determination of K, from Equilibrium Concentrations 

Acetic acid is the principal ingredient in vinegar ([link]); that's why it tastes sour. At equilibrium, a solution 
contains [CH3;CO}H] = 0.0787 M and [H30*] = [CH3CO2-] = 0.00118 M. What is the value of K, for acetic 
acid? 


Vinegar is a solution of acetic acid, a weak acid. (credit: modification of 
work by “HomeSpot HQ”/Flickr) 


Solution 
We are asked to calculate an equilibrium constant from equilibrium concentrations. At equilibrium, the value of 
the equilibrium constant is equal to the reaction quotient for the reaction: 


Equation: 
CH3CO,H(aq) + H,O(1) = H30*(aq) + CH3CO, (aq) 
Equation: 
K.- [H30*][CH3CO, | ae (0.00118) (0.00118) Been 
[CH3CO2H] 0.0787 
Check Your Learning 


What is the equilibrium constant for the ionization of the HSO,4~ ion, the weak acid used in some household 
cleansers: 
Equation: 


HSOxg (aq) + H2O(l) = H30* (ag) + SOx? (aq) 


In one mixture of NaHSO, and Na2SO, at equilibrium, [H307| = 0.027 M; [HSO,4 | = 0.29 M; and 
[SO,2-] = 0.13 M. 


Note: 
Answer: 
iK forbs Oss — 1.2) 100 


Example: 

Determination of K, from Equilibrium Concentrations 

Caffeine, CgH; )N4O> is a weak base. What is the value of Ky for caffeine if a solution at equilibrium has 
[CgH9N40>] = 0.050 M, [CgHi9N402H"*] = 5.0 x 107? M, and [OH] = 2.5 x 107° M? 

Solution 

At equilibrium, the value of the equilibrium constant is equal to the reaction quotient for the reaction: 
Equation: 


CgHioN402(aq) + H,O(l) = CsgH19N4,02H “(aq) + OH (aq) 


Equation: 
CgH9N402H*][OH~ 50 S109 )(25 xq 10 
i, — CoBoNOsH JOH] __ ( V atte 
[CgH19N409] 0.050 
Check Your Learning 
What is the equilibrium constant for the ionization of the HPO,?~ ion, a weak base: 
Equation: 


HPO,” (aq) + H,O(l) = HPO, (ag) + OH (aq) 


In a solution containing a mixture of NaH2PO, and NazHPO, at equilibrium, [OH ] = 1.3 x 10° M; 
[H2P O47] = 0.042 M; and [HPO,” | = 0.341 M. 


Note: 
Answer: 
K, for HPO," = 1.6 x 10-7 


Example: 

Determination of K, or K, from pH 

The pH of a 0.0516-M solution of nitrous acid, HNOs, is 2.34. What is its K,? 
Equation: 


HNO,2(aq) + H2O(/) = H30* (aq) + NO2 (aq) 


Solution 

We determine an equilibrium constant starting with the initial concentrations of HNO2, H30~*, and NO” as well 
as one of the final concentrations, the concentration of hydronium ion at equilibrium. (Remember that pH is 
simply another way to express the concentration of hydronium ion.) 

We can solve this problem with the following steps in which x is a change in concentration of a species in the 
reaction: 


Calculate 
X[HNO>] and 
X[NO2] 


Calculate 
X[H30*] 


Calculate 
[H30*] 


Calculate 
equilibrium 
concentrations 


Calculate 
Ka 


To get the various values in the ICE (Initial, Change, Equilibrium) table, we first calculate [H30*], the 
equilibrium concentration of H3O0~, from the pH: 
Equation: 


[H;07] = 10-734 = 0.0046 M 


The change in concentration of H30~, 1q,0+) 1s the difference between the equilibrium concentration of H30°, 
which we determined from the pH, and the initial concentration, [H30"],. The initial concentration of H3O“ is its 
concentration in pure water, which is so much less than the final concentration that we approximate it as zero 
(GO), 

The change in concentration of NO2~ is equal to the change in concentration of [H30°}]. For each 1 mol of H30~ 
that forms, 1 mol of NO,” forms. The equilibrium concentration of HNO} is equal to its initial concentration plus 
the change in its concentration. 

Now we can fill in the ICE table with the concentrations at equilibrium, as shown here: 


Initial concentration (M) 0.0516 0 


change ( “= 0.0046 | x= 0.004 


Equilibrium concentration (M) 0.0470 0.0046 0.0046 


Finally, we calculate the value of the equilibrium constant using the data in the table: 
Equation: 
H30*|[NO.~ 0.0046) (0.0046 
xc, — HsO"JINO."] _ (0.0046)(0.0046) ya 
[HNO}| (0.0470) 


Check Your Learning. 
The pH of a solution of household ammonia, a 0.950-M solution of NH3, is 11.612. What is Ky for NH3. 


Note: 
Answer: 
[ee = IS se G2 


Example: 

Equilibrium Concentrations in a Solution of a Weak Acid 

Formic acid, HCO5H,, is the irritant that causes the body’s reaction to ant stings ((link]). 
[a 


The pain of an ant’s sting is caused by formic acid. (credit: John Tann) 


What is the concentration of hydronium ion and the pH in a 0.534-M solution of formic acid? 
Equation: 


HCO2H(aq) + H2,0(1) = H30* (aq) + HCO2 (aq) K=18 x 10 

Solution 

Determine x .The Equation: The The table 

and equilibrium concentrationshows initial 

equilibrium expression HCO2H(aq) + H2O0(1) = H30* (aq) + HCO. (aq) of water doesconcentrations 

concentrationsis: not appear in (concentrations 
the before the acid 
expression ionizes), 
for the changes in 


equilibrium concentration, 
constant, so and 

wedonot equilibrium 
need to concentrations 
consider its follows (the 
changein data given in 
concentrationthe problem 
when setting appear in 

up the ICE color): 

table. 


Solve forxand At Equation: Equation: 
the equilibrium equilibrium: 
concentrations. [H30*][HCO>_] _ (x) (z) 


[HCO,H] 0.534 — x 


=1.8 x 107 


K,=1.8 x 10*= 


Now solve for x. Because the initial concentration of acid is reasonably large and K, is very small, we assume that 
x << 0.534, which permits us to simplify the denominator term as (0.534 — x) = 0.534. This gives: 
Equation: 


2 


K,=18 x 10¢= — 
0.534 
Solve for x as follows: 
Equation: 
i= Oost x (eS 10m i 06 x 108? 
Equation: 
r=V96 x 10° 
Equation: 
= 98x 105° 
To check the assumption that x is small compared to 0.534, we calculate: 
Equation: 
£ 9.8 x 10° 5 
= —ole 10 “(1. f 0.534 
0.534 0.534 ete Ee sO Pee 


x is less than 5% of the initial concentration; the assumption is valid. 
We find the equilibrium concentration of hydronium ion in this formic acid solution from its initial concentration 
and the change in that concentration as indicated in the last line of the table: 


Equation: 
[H;0°] = -0+2=0+9.8 x 10 °M. 
Equation: 
=9.8 x 10°M 
The pH of the solution can be found by taking the negative log of the [H30“], so: 
Equation: 
—log (9.8 x 10°*) = 2.01 
Check Your Learning 


Only a small fraction of a weak acid ionizes in aqueous solution. What is the percent ionization of acetic acid in a 
0.100-M solution of acetic acid, CH3CO2H? 
Equation: 


CH3CO2H(aq) + H20(l) = H30*(aq) + CH3CO2 (aq) Ky 18% 105° 


(Hint: Determine [CH3COy, | at equilibrium.) Recall that the percent ionization is the fraction of acetic acid that 
[(CHsCO] 199 
[CH;CO2H] : 


initial 


is ionized x 100, or 


Note: 
Answer: 
percent ionization = 1.3% 


The following example shows that the concentration of products produced by the ionization of a weak base can be 
determined by the same series of steps used with a weak acid. 


Example: 

Equilibrium Concentrations in a Solution of a Weak Base 

Find the concentration of hydroxide ion in a 0.25-M solution of trimethylamine, a weak base: 
Equation: 


(CH3),N(aqg) + H2O(1) = (CH3),;NH*(aqg) + OH (aq) Ky =6.3 x 10°° 


Solution 

This problem requires that we calculate an equilibrium concentration by determining concentration changes as the 
ionization of a base goes to equilibrium. The solution is approached in the same way as that for the ionization of 
formic acid in [link]. The reactants and products will be different and the numbers will be different, but the logic 
will be the same: 


Determine the Determine x and Solve for x and Check the math. 
direction of the equilibrium the equilibrium 


change. concentrations. concentrations. 


Determine x and . The table shows the 

equilibrium changes and (CHa)sN + HO <== (CH,);NH* + OH” 

concentrations concentrations: 

Solve forx .At Equation: Ifwe xis x) in the 

and the equilibrium: assume small preceding 

equilibrium a [((CH3),NH*] [OH | Tee ae 19 —3that relative equation 

concentrations oe [(CH3),N] " 025-7 if ae 0.25 
25), olving 

then the 


we can simplifie: 

replace equation 

(0.25 — gives: 
Check the work. A check of our arithmetic shows thatKb= 6.3% 10 > 


Check Your Learning 
(a) Show that the calculation in Step 2 of this example gives an x of 4.0 x 10° and the calculation in Step 3 
shows Ky = 6.3 x 10°. 


(b) Find the concentration of hydroxide ion in a 0.0325-M solution of ammonia, a weak base with a Ky of 1.76 x 


Ret * 100 


10-5. Calculate the percent ionization of ammonia, the fraction ionized x 100, or 


Note: 
Answer: 
7.56 x 10-4 M, 2.33% 


Some weak acids and weak bases ionize to such an extent that the simplifying assumption that x is small relative to 
the initial concentration of the acid or base is inappropriate. As we solve for the equilibrium concentrations in such 
cases, we will see that we cannot neglect the change in the initial concentration of the acid or base, and we must 
solve the equilibrium equations by using the quadratic equation. 


Example: 

Equilibrium Concentrations in a Solution of a Weak Acid 

Sodium bisulfate, NaHSOy,, is used in some household cleansers because it contains the HSO,4~ ion, a weak acid. 
What is the pH of a 0.50-M solution of HSO,4 ? 

Equation: 


HSO,g (aq) + H,O(1) = H30*(aqg) + SOq? (aq) Re SIL, 


Solution 

We need to determine the equilibrium concentration of the hydronium ion that results from the ionization of 
HSO«° so that we can use [H3;07] to determine the pH. As in the previous examples, we can approach the 
solution by the following steps: 


Determine x and Solve for x and Check the math. 


the equilibrium the equilibrium 
concentrations. concentrations. 


Determine x and . This table shows the 
equilibrium changes and Hso; + H,O == H,0' + So, 
concentrations concentrations: 

Initial concentration (M) 0.50 ~0 

> 

Equilibrium 0.50 + (-x) = 
concentration (M) 0.50 — x 
Solve forx .As_ x, we will find x.At Equation: Ifwe xi 
and the we thisismore — equilibrium: r , assume a 
concentrationsbegin complicated Fe ae [H30"][SOz] (x) (x) that ( 
solving than in eet a [HSO,-] ~ 0.50—2 


for previous 
examples. As 


we discuss 
these 
complications 
we should not 
lose track of 
the fact that it 
is still the 
purpose of 
this step to 
determine the 
value of 


Check Your Learning 

(a) Show that the quadratic formula gives x = 7.2 x 107°. 

(b) Calculate the pH in a 0.010-M solution of caffeine, a weak base: 
Equation: 


CgHioN402(aq) ar H,O0(l) = CgHioN402H *(aq) sR OH (aq) 1G, = Wy 10-4 


(Hint: It will be necessary to convert [OH ] to [H3;07] or pOH to pH toward the end of the calculation.) 


Note: 
Answer: 
pH 11.16 


The Relative Strengths of Strong Acids and Bases 


Strong acids, such as HCl, HBr, and HI, all exhibit the same strength in water. The water molecule is such a strong 
base compared to the conjugate bases Cl’, Br’, and I that ionization of these strong acids is essentially complete 
in aqueous solutions. In solvents less basic than water, we find HCl, HBr, and HI differ markedly in their tendency 
to give up a proton to the solvent. For example, when dissolved in ethanol (a weaker base than water), the extent of 
ionization increases in the order HCl < HBr < HI, and so HI is demonstrated to be the strongest of these acids. The 
inability to discern differences in strength among strong acids dissolved in water is known as the leveling effect of 
water. 


Water also exerts a leveling effect on the strengths of strong bases. For example, the oxide ion, O7-, and the amide 
ion, NH, _, are such strong bases that they react completely with water: 
Equation: 
O? (aq) + H2O(l) —» OH (ag) + OH (aq) 
Equation: 
NH (aq) + H,O(!) —> NH3(aq) + OH (aq) 


Thus, O*" and NH,” appear to have the same base strength in water; they both give a 100% yield of hydroxide 
ion. 


Effect of Molecular Structure on Acid-Base Strength 


In the absence of any leveling effect, the acid strength of binary compounds of hydrogen with nonmetals (A) 
increases as the H-A bond strength decreases down a group in the periodic table. For group 17, the order of 
increasing acidity is HF < HCl < HBr < HI. Likewise, for group 16, the order of increasing acid strength is H2O < 
HS < HpSe < HoTe. 


Across a row in the periodic table, the acid strength of binary hydrogen compounds increases with increasing 
electronegativity of the nonmetal atom because the polarity of the H-A bond increases. Thus, the order of 
increasing acidity (for removal of one proton) across the second row is CHy < NH3 < HO < HF; across the third 
row, it is SiH, < PH3 < H2S < HCl (see [link)). 
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As you move from left to right and down the periodic table, the acid strength increases. As you move from 
right to left and up, the base strength increases. 


Compounds containing oxygen and one or more hydroxyl (OH) groups can be acidic, basic, or amphoteric, 
depending on the position in the periodic table of the central atom E, the atom bonded to the hydroxyl group. Such 
compounds have the general formula O,E(OH),,, and include sulfuric acid, O75(OH)», sulfurous acid, OS(OH)», 
nitric acid, O2NOH, perchloric acid, O;CIOH, aluminum hydroxide, Al(OH)3, calcium hydroxide, Ca(OH)», and 
potassium hydroxide, KOH: 


If the central atom, E, has a low electronegativity, its attraction for electrons is low. Little tendency exists for the 
central atom to form a strong covalent bond with the oxygen atom, and bond a between the element and oxygen is 
more readily broken than bond b between oxygen and hydrogen. Hence bond a is ionic, hydroxide ions are 
released to the solution, and the material behaves as a base—this is the case with Ca(OH) and KOH. Lower 
electronegativity is characteristic of the more metallic elements; hence, the metallic elements form ionic 
hydroxides that are by definition basic compounds. 


If, on the other hand, the atom E has a relatively high electronegativity, it strongly attracts the electrons it shares 
with the oxygen atom, making bond a relatively strongly covalent. The oxygen-hydrogen bond, bond }, is thereby 
weakened because electrons are displaced toward E. Bond b is polar and readily releases hydrogen ions to the 
solution, so the material behaves as an acid. High electronegativities are characteristic of the more nonmetallic 
elements. Thus, nonmetallic elements form covalent compounds containing acidic -OH groups that are called 
oxyacids. 


Increasing the oxidation number of the central atom E also increases the acidity of an oxyacid because this 
increases the attraction of E for the electrons it shares with oxygen and thereby weakens the O-H bond. Sulfuric 
acid, H»SO,, or O2S(OH)> (with a sulfur oxidation number of +6), is more acidic than sulfurous acid, H»SO3, or 
OS(OH), (with a sulfur oxidation number of +4). Likewise nitric acid, HNO3, or O2NOH (N oxidation number = 
+5), is more acidic than nitrous acid, HNO», or ONOH (N oxidation number = +3). In each of these pairs, the 
oxidation number of the central atom is larger for the stronger acid ([link]). 
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As the oxidation number of the central atom E increases, the acidity also increases. 


Hydroxy compounds of elements with intermediate electronegativities and relatively high oxidation numbers (for 
example, elements near the diagonal line separating the metals from the nonmetals in the periodic table) are 
usually amphoteric. This means that the hydroxy compounds act as acids when they react with strong bases and as 
bases when they react with strong acids. The amphoterism of aluminum hydroxide, which commonly exists as the 
hydrate Al(H»O)3(OH)s, is reflected in its solubility in both strong acids and strong bases. In strong bases, the 


relatively insoluble hydrated aluminum hydroxide, Al(H20)3(OH)s, is converted into the soluble ion, 
[Al(H,O),(OH),|, by reaction with hydroxide ion: 
Equation: 


Al(H20)3(OH)3(ag) + OH (aq) = H20(!) + [Al(H20)(OH),) (aq) 


In this reaction, a proton is transferred from one of the aluminum-bound HO molecules to a hydroxide ion in 
solution. The Al(H2O)3(OH)3 compound thus acts as an acid under these conditions. On the other hand, when 
dissolved in strong acids, it is converted to the soluble ion [Al(H,0),]°* by reaction with hydronium ion: 
Equation: 


3H30 ‘(aq) + Al(H,O),(OH),(ag) = Al(H20),** (ag) + 3H20(!) 


In this case, protons are transferred from hydronium ions in solution to Al(H»O)3(OH)3, and the compound 
functions as a base. 


Key Concepts and Summary 


The strengths of Brgnsted-Lowry acids and bases in aqueous solutions can be determined by their acid or base 
ionization constants. Stronger acids form weaker conjugate bases, and weaker acids form stronger conjugate bases. 
Thus strong acids are completely ionized in aqueous solution because their conjugate bases are weaker bases than 
water. Weak acids are only partially ionized because their conjugate bases are strong enough to compete 
successfully with water for possession of protons. Strong bases react with water to quantitatively form hydroxide 
ions. Weak bases give only small amounts of hydroxide ion. The strengths of the binary acids increase from left to 
right across a period of the periodic table (CH, < NH3 < HO < HF), and they increase down a group (HF < HCl < 
HBr < HJ). The strengths of oxyacids that contain the same central element increase as the oxidation number of the 
element increases (H»SO3 < H»SO,). The strengths of oxyacids also increase as the electronegativity of the central 
element increases [H»SeO,4 < H2SOg]. 


Key Equations 
_ [B0*)[A] 
° Ka= ay _ 
beaut 
Sipe A [HB Ie] 
° K, x Ky=1.0 x 10 4=Ky 
e Percent ionization = Sea x 100 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Explain why the neutralization reaction of a strong acid and a weak base gives a weakly acidic solution. 
Exercise: 


Problem: 
Explain why the neutralization reaction of a weak acid and a strong base gives a weakly basic solution. 


Solution: 


The salt ionizes in solution, but the anion slightly reacts with water to form the weak acid. This reaction also 
forms OH, which causes the solution to be basic. 


Exercise: 
Problem: 


Use this list of important industrial compounds (and [link]) to answer the following questions regarding: CaO, 
Ca(OH)p, CH3CO>H, CO, HCl, H»)COsz, HF, HNO), HNO3, H3POg,, H»SOq4, NHs3, NaOH, NayCOs3. 


(a) Identify the strong Brensted-Lowry acids and strong Brgnsted-Lowry bases. 


(b) List those compounds in (a) that can behave as Brgnsted-Lowry acids with strengths lying between those 
of H3,0* and H,O. 


(c) List those compounds in (a) that can behave as Brgnsted-Lowry bases with strengths lying between those 
of H2O and OH. 

Exercise: 
Problem: 


The odor of vinegar is due to the presence of acetic acid, CH3CO 2H, a weak acid. List, in order of descending 
concentration, all of the ionic and molecular species present in a 1-M aqueous solution of this acid. 


Solution: 


[H20] > [CH3CO2H] > [H30*] * [CH3CO2_] > [OH] 
Exercise: 
Problem: 
Household ammonia is a solution of the weak base NH3 in water. List, in order of descending concentration, 
all of the ionic and molecular species present in a 1-M aqueous solution of this base. 
Exercise: 


Problem: 
Explain why the ionization constant, K,, for H2SOz is larger than the ionization constant for H2SO3. 
Solution: 
The oxidation state of the sulfur in H2SO, is greater than the oxidation state of the sulfur in H2SO3. 


Exercise: 


Problem: Explain why the ionization constant, Ka, for HI is larger than the ionization constant for HF. 
Exercise: 

Problem: 

Gastric juice, the digestive fluid produced in the stomach, contains hydrochloric acid, HCl. Milk of Magnesia, 


a suspension of solid Mg(OH)> in an aqueous medium, is sometimes used to neutralize excess stomach acid. 
Write a complete balanced equation for the neutralization reaction, and identify the conjugate acid-base pairs. 


Solution: 


Mg(OH),(s)+ 2HCl(ag) —> Mg?*(ag)+ 2Cl-(aq)+ 2H20(I) 
BB BA CB CA 


Exercise: 


Problem: 


Nitric acid reacts with insoluble copper(II) oxide to form soluble copper(I) nitrate, Cu(NO3)>, a compound 
that has been used to prevent the growth of algae in swimming pools. Write the balanced chemical equation 
for the reaction of an aqueous solution of HNO3 with CuO. 


Exercise: 


Problem: 


What is the ionization constant at 25 °C for the weak acid CH3NH3", the conjugate acid of the weak base 
CH3NHp, Ky = 4.4 x 107. 


Solution: 


K,=2.3 x 107" 
Exercise: 


Problem: 


What is the ionization constant at 25 °C for the weak acid (CH3),NH2*, the conjugate acid of the weak base 
(CH3) NH, Ky = 5.9 x 1074? 


Exercise: 


Problem: 


Which base, CH3NH) or (CH3)2NH, is the stronger base? Which conjugate acid, (CH3),NH2* or 
(CH3).NH3", is the stronger acid? 


Solution: 


The stronger base or stronger acid is the one with the larger Ky or Ka, respectively. In these two examples, 
they are (CH3)2NH and CH3NH3". 


Exercise: 


Problem: Which is the stronger acid, NH4* or HBrO? 
Exercise: 

Problem: Which is the stronger base, (CH3)3N or H2BO3 ? 

Solution: 


triethylamine. 
Exercise: 


Problem: 

Predict which acid in each of the following pairs is the stronger and explain your reasoning for each. 
(a) H20 or HF 

(b) B(OH)3 or Al(OH)3 

(c) HSO3° or HSO4” 


(d) NH3 or H2S 


(e) HO or HyTe 
Exercise: 


Problem: 


Predict which compound in each of the following pairs of compounds is more acidic and explain your 
reasoning for each. 


(a) HSO4 or HSeO4” 
(b) NH3 or H»O 

(c) PH3 or HI 

(d) NH3 or PH3 

(e) H2S or HBr 
Solution: 


(a) HSO,; higher electronegativity of the central ion. (b) HyO; NHs3 is a base and water is neutral, or decide 
on the basis of K, values. (c) HI; PH3 is weaker than HCl; HCl is weaker than HI. Thus, PH3 is weaker than 
HI. (d) PH; in binary compounds of hydrogen with nonmetals, the acidity increases for the element lower in 
a group. (e) HBr; in a period, the acidity increases from left to right; in a group, it increases from top to 
bottom. Br is to the left and below S, so HBr is the stronger acid. 


Exercise: 


Problem: 


Rank the compounds in each of the following groups in order of increasing acidity or basicity, as indicated, 
and explain the order you assign. 


(a) acidity: HCl, HBr, HI 
(b) basicity: HO, OH’, H’, Cl” 
(c) basicity: Mg(OH)>, Si(OH),4, ClO3(OH) (Hint: Formula could also be written as HC1O,). 


(d) acidity: HE, HO, NHs, CH, 
Exercise: 


Problem: 


Rank the compounds in each of the following groups in order of increasing acidity or basicity, as indicated, 
and explain the order you assign. 


(a) acidity: NaHSO3, NaHSeO3, NaHSO4 

(b) basicity: BrO2~, ClO27, 1027 

(c) acidity: HOCI, HOBr, HOI 

(d) acidity: HOC], HOCIO, HOCIO,, HOCIO3 


(e) basicity: NH2~, HS”, HTe’, PH) 


(f) basicity: BrO">, BrO2~, BrO3—, BrO4 


Solution: 


(a) NaHSeO3 < NaHSO3 < NaHSQ,; in polyoxy acids, the more electronegative central element—S, in this 
case—forms the stronger acid. The larger number of oxygen atoms on the central atom (giving it a higher 
oxidation state) also creates a greater release of hydrogen atoms, resulting in a stronger acid. As a salt, the 
acidity increases in the same manner. (b) ClO2” < BrO,” < [Oz ; the basicity of the anions in a series of 
acids will be the opposite of the acidity in their oxyacids. The acidity increases as the electronegativity of the 
central atom increases. Cl is more electronegative than Br, and I is the least electronegative of the three. (c) 
HOI < HOBr < HOC; in a series of the same form of oxyacids, the acidity increases as the electronegativity 
of the central atom increases. Cl is more electronegative than Br, and I is the least electronegative of the three. 
(d) HOC] < HOCIO < HOCIO, < HOCIO3; in a series of oxyacids of the same central element, the acidity 
increases as the number of oxygen atoms increases (or as the oxidation state of the central atom increases). (e) 
HTe <HS << PH, < NH» ; PH» and NH2 are anions of weak bases, so they act as strong bases 
toward H*. HTe and HS" are anions of weak acids, so they have less basic character. In a periodic group, 
the more electronegative element has the more basic anion. (f) BrO4~ < BrO3~ < BrO,g” < BrO ; witha 
larger number of oxygen atoms (that is, as the oxidation state of the central ion increases), the corresponding 
acid becomes more acidic and the anion consequently less basic. 


Exercise: 
Problem: 
Both HF and HCN ionize in water to a limited extent. Which of the conjugate bases, F- or CN , is the 
stronger base? See [link]. 

Exercise: 
Problem: 
The active ingredient formed by aspirin in the body is salicylic acid, CsH4sOH(CO>H). The carboxyl group 
(—CO>H) acts as a weak acid. The phenol group (an OH group bonded to an aromatic ring) also acts as an 


acid but a much weaker acid. List, in order of descending concentration, all of the ionic and molecular species 
present in a 0.001-M aqueous solution of CgH,OH(CO>H). 


Solution: 


[H,O] > [CsH,OH(CO2H)] > [H*] 0 > [C,H,OH(CO,)”] > [CeHyO(CO2H)-] > [OH-] 


Exercise: 


What do we represent when we write: 
Problem: CH3;CO,H(ag) + H,O(l/) = H30* (aq) + CH3CO, (aq)? 


Exercise: 
Problem: 
Explain why equilibrium calculations are not necessary to determine ionic concentrations in solutions of 
certain strong electrolytes such as NaOH and HCl. Under what conditions are equilibrium calculations 


necessary as part of the determination of the concentrations of all ions of some other strong electrolytes in 
solution? 


Solution: 


Strong electrolytes are 100% ionized, and, as long as the component ions are neither weak acids nor weak 
bases, the ionic species present result from the dissociation of the strong electrolyte. Equilibrium calculations 
are necessary when one (or more) of the ions is a weak acid or a weak base. 


Exercise: 


Problem: 


Are the concentrations of hydronium ion and hydroxide ion in a solution of an acid or a base in water directly 
proportional or inversely proportional? Explain your answer. 


Exercise: 


Problem: 


What two common assumptions can simplify calculation of equilibrium concentrations in a solution of a weak 
acid? 


Solution: 


1. Assume that the change in initial concentration of the acid as the equilibrium is established can be 
neglected, so this concentration can be assumed constant and equal to the initial value of the total acid 
concentration. 2. Assume we can neglect the contribution of water to the equilibrium concentration of H30*. 


Exercise: 


Problem: 


What two common assumptions can simplify calculation of equilibrium concentrations in a solution of a weak 
base? 


Exercise: 


Problem: 


Which of the following will increase the percent of NH3 that is converted to the ammonium ion in water 
(Hint: Use LeChatelier’s principle.)? 


(a) addition of NaOH 
(b) addition of HCl 


(c) addition of NH,Cl 
Solution: 


(b) The addition of HCl 
Exercise: 


Problem: 

Which of the following will increase the percent of HF that is converted to the fluoride ion in water? 
(a) addition of NaOH 

(b) addition of HCl 


(c) addition of NaF 
Exercise: 


Problem: 


What is the effect on the concentrations of NO2 , HNO», and OH” when the following are added to a 
solution of KNO> in water: 


(a) HCl 


(b) HNO» 
(c) NaOH 
(d) NaCl 
(e) KNO 


The equation for the equilibrium is: 
NO, (aq) + H,O(l) = HNO,2(aqg) + OH (aq) 


Solution: 


(a) Adding HCl will add H307 ions, which will then react with the OH” ions, lowering their concentration. 
The equilibrium will shift to the right, increasing the concentration of HNOz, and decreasing the 
concentration of NO.” ions. (b) Adding HNO; increases the concentration of HNO2 and shifts the 
equilibrium to the left, increasing the concentration of NO» ions and decreasing the concentration of OH” 
ions. (c) Adding NaOH adds OH ions, which shifts the equilibrium to the left, increasing the concentration 
of NO 27 ions and decreasing the concentrations of HNO». (d) Adding NaCl has no effect on the 
concentrations of the ions. (e) Adding KNO» adds NO 7 ions and shifts the equilibrium to the right, 
increasing the HNO» and OH’ ion concentrations. 


Exercise: 
Problem: 


What is the effect on the concentration of hydrofluoric acid, hydronium ion, and fluoride ion when the 
following are added to separate solutions of hydrofluoric acid? 


(a) HCl 
(b) KF 
(c) NaCl 
(d) KOH 
(e) HF 


The equation for the equilibrium is: 
HF (aq) + H,O(l) = H30*(aq) + F (aq) 


Exercise: 
Problem: 


Why is the hydronium ion concentration in a solution that is 0.10 M in HCl and 0.10 M in HCOOH 
determined by the concentration of HCl? 


Solution: 


This is a case in which the solution contains a mixture of acids of different ionization strengths. In solution, 
the HCO>H exists primarily as HCO H molecules because the ionization of the weak acid is suppressed by 
the strong acid. Therefore, the HCO2H contributes a negligible amount of hydronium ions to the solution. The 
stronger acid, HCl, is the dominant producer of hydronium ions because it is completely ionized. In such a 
solution, the stronger acid determines the concentration of hydronium ions, and the ionization of the weaker 
acid is fixed by the [H30*] produced by the stronger acid. 


Exercise: 


Problem: 


From the equilibrium concentrations given, calculate K, for each of the weak acids and K, for each of the 
weak bases. 


(a) CH3CO>H: [H30*] = 1.34 x 10° M; 
[CH3CO2_] = 1.34 x 10-3 M; 


[CH3CO>H] = 9.866 x 10°? M; 

(b) ClO: [OH] = 4.0 x 1074 M; 

[HCIO] = 2.38 x 10°° M; 

[ClO”] = 0.273 M; 

(c) HCO>H: [HCO>H] = 0.524 M; 

[H3;0*] = 9.8 x 10°° M; 

[HCO27] =9.8 x 10° M; 

(d) CceHsNH37 : [Ce6HsNH3"] = 0.233 M; 


[CgH;NH,] = 2.3 x 1073 M; 
[H30*] = 2.3 x 103M 


Exercise: 


Problem: 


From the equilibrium concentrations given, calculate K, for each of the weak acids and Ky, for each of the 
weak bases. 


(a) NH3: [OH] = 3.1 x 10° M; 
[NH,*] = 3.1 x 10°3 M; 


[NH] = 0.533 M; 


(b) HNO: [H30*] = 0.011 M; 
[NO27] = 0.0438 M; 


[HNO ] = 1.07 M: 


(c) (CH3)3N: [(CH3)3N] = 0.25 M; 
[(CH3)3NH*] = 4.3 x 1073 M; 


[OH ]= 4.3 x 10° M; 
(d) NH,’ : [NH,*] = 0.100 M; 


[NH3] = 7.5 x 10° M; 
[H30*] = 7.5 x 10°M 


Solution: 


(a) Ky = 1.8 x 10°; 
(b) K, = 4.5 x 1074; 
(c) Ky = 7.4 x 10°; 
(d) K,= 56 x 107° 


Exercise: 


Problem: Determine K, for the nitrite ion, NO2~. In a 0.10-M solution this base is 0.0015% ionized. 


Exercise: 


Problem: Determine K, for hydrogen sulfate ion, HSO4 . In a 0.10-M solution the acid is 29% ionized. 


Solution: 


K,=1.2 x 10? 
Exercise: 


Problem: 


Calculate the ionization constant for each of the following acids or bases from the ionization constant of its 
conjugate base or conjugate acid: 


ar 
(b) NH,+ 

(c) AsO.°- 

(a) (CH;),NH+ 

(e) NO2~ 

(f) HCO47 (as a base) 


Exercise: 


Problem: 


Calculate the ionization constant for each of the following acids or bases from the ionization constant of its 
conjugate base or conjugate acid: 


(a) HTe™ (as a base) 

(b) (CH3),NH* 

(c) HAsO,*> (as a base) 
(d) HO” (as a base) 
(e) CsHsNH3* 

(f) HSO3~ (as a base) 
Solution: 

(a) Ky = 43 10-** 
(b) K, = 1.6 x 1078; 
(C) Ky 5.0% 107% 
(d) Ky = 4.2 x 1073; 


(e) Ky = 2.3 x 107°; 
(i= 63 40°" 


Exercise: 


Problem: 


For which of the following solutions must we consider the ionization of water when calculating the pH or 
pOH? 


(a) 3 x 10 ®M HNO; 

(b) 0.10 g HCl in 1.0 L of solution 

(c) 0.00080 g NaOH in 0.50 L of solution 
(d) 1 x 10°” M Ca(OH), 


(e) 0.0245 M KNO3 
Exercise: 


Problem: 


Even though both NH3 and CgH;NHp are weak bases, NH3 is a much stronger acid than CgH3;NH>. Which of 
the following is correct at equilibrium for a solution that is initially 0.10 M in NH3 and 0.10 M in CgH3;NH)? 


(a) (OH ] = [NHy"] 

(b) [NH4*] = [CeHsNH3"] 
(c) [OH | = [CsH;NH3*] 
(d) [NH3] = [CeHsNH2] 

(e) both a and b are correct 
Solution: 


(a) is the correct statement. 
Exercise: 
Problem: 
Calculate the equilibrium concentration of the nonionized acids and all ions in a solution that is 0.25 M in 
HCO)H and 0.10 M in HClO. 
Exercise: 
Problem: 


Calculate the equilibrium concentration of the nonionized acids and all ions in a solution that is 0.134 M in 
HNO) and 0.120 M in HBrO. 


Solution: 


[H30*] = 7.5 x 10°M 
[HNO ] = 0.127 

[OH ]=1.3 x 102M 
[BrO]=4.5 x 10° M 
[HBrO] = 0.120 M 


Exercise: 


Problem: 
Calculate the equilibrium concentration of the nonionized bases and all ions in a solution that is 0.25 M in 
CH3NH) and 0.10 M in C5H5N (Ky = 1.7 x 1079). 
Exercise: 
Problem: 


Calculate the equilibrium concentration of the nonionized bases and all ions in a solution that is 0.115 M in 
NH3 and 0.100 M in CgHsNHp. 


Solution: 


[OH] = [NO4*] = 0.0014 M 
[NH3] = 0.144 M 

[H;0*] =6.9 x 10? M 
[(Ce6H5NH37] = 3.9 x 108 M 
[CgH5NH>] = 0.100 M 


Exercise: 


Problem: Using the K, value of 1.4 x 10 = place Al(H20),°* in the correct location in [link]. 
Exercise: 
Problem: 
Calculate the concentration of all solute species in each of the following solutions of acids or bases. Assume 


that the ionization of water can be neglected, and show that the change in the initial concentrations can be 
neglected. Ionization constants can be found in Appendix H and Appendix I. 


(a) 0.0092 M HClO, a weak acid 

(b) 0.0784 M CgH5NHp, a weak base 
(c) 0.0810 M HCN, a weak acid 

(d) 0.11 M (CH3)3N, a weak base 


(e) 0.120 M Fe(H20),?* a weak acid, K, = 1.6 x 10°” 


Solution: 
[H30*][ClO-] (x)(z) — (a)(z) ag 
(a) [HCIO] — (0.0092—) ~ 0.0092 = 2.9 x 10 


Solving for x gives 1.63 x 10°° M. This value is less than 5% of 0.0092, so the assumption that it can be 
neglected is valid. Thus, the concentrations of solute species at equilibrium are: 

[H30*] = [ClO] = 5.8 x 10° M 

[HC1O] = 0.00092 M 

nls = 6.1 x 101° M; 


(b) | ears — (0.07842) ~ 0.0784 =4.3 x 10°” 


Solving for x gives 5.81 x 10°° M. This value is less than 5% of 0.0784, so the assumption that it can be 
neglected is valid. Thus, the concentrations of solute species at equilibrium are: 

[CH3CO, | =[OH ]=5.8 x 10 °M 

[CeHsNH2] = 0.00784 

[H,0*] = . 7X 10°° M; 

(c )) [H;0*] N7] = (x)(x) AS (x)(a) —-49 x 19~10 


a (0.0810—z) “~ 0.0810 


Solving for x gives 6.30 x 10°6 M. This value is less than 5% of 0.0810, so the assumption that it can be 
neglected is valid. Thus, the concentrations of solute species at equilibrium are: 

[H30*] = [CN] =6.3 x 10°M 

[HCN] = 0.0810 M 

[OH ]=1.6 x 10° M; 


[(CH3),NH*] [OH | —_ (x)(x) a, (x) (x) bs 5 


Solving for x gives 2.63 x 10°° M. This value is less than 5% of 0.11, so the assumption that it can be 
neglected is valid. Thus, the concentrations of solute species at equilibrium are: 

[(CH3)3NH*] = [OH] = 2.6 x 10° M 

[H,0*] = 3.8 x 10°? M; 


[Fe(H20),(OH) VHs0"] _ = (a(x) (@)(@) _ -7 
(e) [Fe(H,0),2*] ~ (0.120-2) “~ 0.120 = 16 x 10 


Solving for x gives 1.39 x 1074 M. This value is less than 5% of 0.120, so the assumption that it can be 
neglected is valid. Thus, the concentrations of solute species at equilibrium are: 

[Fe(H,0);(OH)*] = [H,0*] = 1.4 x 104M 

[Fe(H20),?*] = 0.120 M 

[OH] =7.2 x 10" M 


Exercise: 
Problem: 
Propionic acid, C)H5;CO>H (K, = 1.34 x 10°°), is used in the manufacture of calcium propionate, a food 
preservative. What is the hydronium ion concentration in a 0.698-M solution of CyH;CO H? 
Exercise: 
Problem: 


White vinegar is a 5.0% by mass solution of acetic acid in water. If the density of white vinegar is 1.007 
g/cm?, what is the pH? 


Solution: 


pH = 2.41 
Exercise: 
Problem: 
The ionization constant of lactic acid, CH3CH(OH)CO>H, an acid found in the blood after strenuous exercise, 


is 1.36 x 10“. If 20.0 g of lactic acid is used to make a solution with a volume of 1.00 L, what is the 
concentration of hydronium ion in the solution? 


Exercise: 
Problem: 


Nicotine, CjgH14No, is a base that will accept two protons (K, = 7 x 10°’, K) = 1.4 x 1071"). What is the 
concentration of each species present in a 0.050-M solution of nicotine? 


Solution: 


[Cy9H,4N>] = 0.049 M 
[Cy9Hy4N>H*] = 1.9 x 104M 
[CoH 4NoH2?*] =14~x 10° M 
[OH] =1.9 x 104M 

[H,0*] =5.3 x 10" mM 


Exercise: 


Problem: The pH of a 0.20-M solution of HF is 1.92. Determine K, for HF from these data. 


Exercise: 


Problem: The pH of a 0.15-M solution of HSO,4" is 1.43. Determine K, for HSO4” from these data. 
Solution: 


K,=1.2 x 10? 


Exercise: 


The pH of a 0.10-M solution of caffeine is 11.16. Determine Kj, for caffeine from these data: 
Problem: CgH; N,O.(ag) + H,O(l) = CgH,gN,O2H* (ag) + OH (aq) 
Exercise: 


Problem: 


The pH of a solution of household ammonia, a 0.950 M solution of NH3 is 11.612. Determine Kj, for NH3 
from these data. 


Solution: 


K, =1.77 x 10° 


Glossary 


acid ionization constant (Ka) 
equilibrium constant for the ionization of a weak acid 


base ionization constant (Kp) 
equilibrium constant for the ionization of a weak base 


leveling effect of water 
any acid stronger than H3O*, or any base stronger than OH” will react with water to form H30*, or OH, 
respectively; water acts as a base to make all strong acids appear equally strong, and it acts as an acid to make 
all strong bases appear equally strong 


oxyacid 
compound containing a nonmetal and one or more hydroxyl groups 


percent ionization 
ratio of the concentration of the ionized acid to the initial acid concentration, times 100 


Hydrolysis of Salt Solutions 
By the end of this section, you will be able to: 


e Predict whether a salt solution will be acidic, basic, or neutral 
e Calculate the concentrations of the various species in a salt solution 
e Describe the process that causes solutions of certain metal ions to be acidic 


As we have seen in the section on chemical reactions, when an acid and base are mixed, they undergo a 
neutralization reaction. The word “neutralization” seems to imply that a stoichiometrically equivalent solution of 
an acid and a base would be neutral. This is sometimes true, but the salts that are formed in these reactions may 
have acidic or basic properties of their own, as we shall now see. 


Acid-Base Neutralization 


A solution is neutral when it contains equal concentrations of hydronium and hydroxide ions. When we mix 
solutions of an acid and a base, an acid-base neutralization reaction occurs. However, even if we mix 
stoichiometrically equivalent quantities, we may find that the resulting solution is not neutral. It could contain 
either an excess of hydronium ions or an excess of hydroxide ions because the nature of the salt formed determines 
whether the solution is acidic, neutral, or basic. The following four situations illustrate how solutions with various 
pH values can arise following a neutralization reaction using stoichiometrically equivalent quantities: 


1. A strong acid and a strong base, such as HCl(aq) and NaOH(aq) will react to form a neutral solution since the 
conjugate partners produced are of negligible strength (see [link]): 
Equation: 


HCl(aq) + NaOH(aq) = NaCl(ag) + H,0(I) 


2. A strong acid and a weak base yield a weakly acidic solution. The products of this neutralization reaction are 
the conjugate base of the strong acid (Kb * 0, so it doesn’t affect pH) and the conjugate acid of the weak base 
(Ka > 0, so it ionizes to make the solution acidic). 

3. A weak acid and a strong base yield a weakly basic solution. The products of this neutralization reaction are 
the conjugate acid of the strong base (Ka ¥ 0, so it doesn’t affect pH) and the conjugate base of the weak acid 
(Kb > 0, so it ionizes to make the solution basic). 

4. A weak acid plus a weak base can yield either an acidic or basic solution. This is the most complex of the four 
types of reactions. When the conjugate acid and the conjugate base are of unequal strengths, the solution can 
be either acidic or basic, depending on the relative strengths of the two conjugates. To predict whether a 
particular combination will be acidic or basic, tabulated K values of the conjugates must be compared. (Note: 
occasionally the weak acid and the weak base can have the same strength, so their respective conjugate base 
and acid will have the same strength, and the solution will be neutral.) 


Note: 

Stomach Antacids 

Our stomachs contain a solution of roughly 0.03 M HCl, which helps us digest the food we eat. The burning 
sensation associated with heartburn is a result of the acid of the stomach leaking through the muscular valve at the 
top of the stomach into the lower reaches of the esophagus. The lining of the esophagus is not protected from the 
corrosive effects of stomach acid the way the lining of the stomach is, and the results can be very painful. When 
we have heartburn, it feels better if we reduce the excess acid in the esophagus by taking an antacid. As you may 
have guessed, antacids are bases. One of the most common antacids is calcium carbonate, CaCO3. The reaction, 
Equation: 


CaCO3(s) + 2HCl(ag) = CaClo(ag) + H20(1) + CO2(g) 


not only neutralizes stomach acid, it also produces CO>(g), which may result in a satisfying belch. 
Milk of Magnesia is a suspension of the sparingly soluble base magnesium hydroxide, Mg(OH))p. It works 
according to the reaction: 


Equation: 
Mg(OH),(s) = Mg**(aq) + 20H (aq) 


The hydroxide ions generated in this equilibrium then go on to react with the hydronium ions from the stomach 
acid, so that : 
Equation: 


H30+ +OH = 2H2O(1) 


This reaction does not produce carbon dioxide, but magnesium-containing antacids can have a laxative effect. 
Several antacids have aluminum hydroxide, Al(OH)s, as an active ingredient. The aluminum hydroxide tends to 
cause constipation, and some antacids use aluminum hydroxide in concert with magnesium hydroxide to balance 
the side effects of the two substances. 


Note: 

Culinary Aspects of Chemistry 

Cooking is essentially synthetic chemistry that happens to be safe to eat. There are a number of examples of acid- 
base chemistry in the culinary world. One example is the use of baking soda, or sodium bicarbonate in baking. 
NaHCOs is a base. When it reacts with an acid such as lemon juice, buttermilk, or sour cream in a batter, bubbles 
of carbon dioxide gas are formed from decomposition of the resulting carbonic acid, and the batter “rises.” Baking 
powder is a combination of sodium bicarbonate, and one or more acid salts that react when the two chemicals 
come in contact with water in the batter. 

Many people like to put lemon juice or vinegar, both of which are acids, on cooked fish ([link]). It turns out that 
fish have volatile amines (bases) in their systems, which are neutralized by the acids to yield involatile ammonium 
salts. This reduces the odor of the fish, and also adds a “sour” taste that we seem to enjoy. 


CH,COOH + NH,CH,CH,CH,CH,NH, ——> CH,COO” + NH,'CH,CH,CH,CH,NH, 
Acetic acid + Putrescine ——~> Acetateion + Putrescinium ion 


A neutralization reaction takes place between citric acid in lemons or acetic acid in vinegar, and the bases in 


the flesh of fish. 


Pickling is a method used to preserve vegetables using a naturally produced acidic environment. The vegetable, 
such as a cucumber, is placed in a sealed jar submerged in a brine solution. The brine solution favors the growth 
of beneficial bacteria and suppresses the growth of harmful bacteria. The beneficial bacteria feed on starches in 
the cucumber and produce lactic acid as a waste product in a process called fermentation. The lactic acid 
eventually increases the acidity of the brine to a level that kills any harmful bacteria, which require a basic 
environment. Without the harmful bacteria consuming the cucumbers they are able to last much longer than if 
they were unprotected. A byproduct of the pickling process changes the flavor of the vegetables with the acid 
making them taste sour. 


Salts of Weak Bases and Strong Acids 


When we neutralize a weak base with a strong acid, the product is a salt containing the conjugate acid of the weak 
base. This conjugate acid is a weak acid. For example, anmonium chloride, NH,Cl, is a salt formed by the 
reaction of the weak base ammonia with the strong acid HCl: 

Equation: 


NH3(aq) + HCl(ag) —> NHiCl(aq) 


A solution of this salt contains anmonium ions and chloride ions. The chloride ion has no effect on the acidity of 
the solution since HCl is a strong acid. Chloride is a very weak base and will not accept a proton to a measurable 
extent. However, the ammonium ion, the conjugate acid of ammonia, reacts with water and increases the 
hydronium ion concentration: 

Equation: 


NH," (aq) + H,0(1) = H30* (aq) + NH3(aq) 


The equilibrium equation for this reaction is simply the ionization constant. K,, for the acid NHq* : 
Equation: 


[H307] [NH3| _ 
[NH] = * 


We will not find a value of K, for the ammonium ion in Appendix H. However, it is not difficult to determine K, 
for NH4* from the value of the ionization constant of water, Ky, and Ky, the ionization constant of its conjugate 
base, NH3, using the following relationship: 

Equation: 


Ky = Ka x Ky 


This relation holds for any base and its conjugate acid or for any acid and its conjugate base. 


Example: 

The pH of a Solution of a Salt of a Weak Base and a Strong Acid 

Aniline is an amine that is used to manufacture dyes. It is isolated as aniline hydrochloride, [CgHs;NH3*|Cl, a salt 
prepared by the reaction of the weak base aniline and hydrochloric acid. What is the pH of a 0.233 M solution of 
aniline hydrochloride? 


Equation: 
CsHsNH3° (aq) + H,O(l) = H30* (aq) + CeHsNH2(aq) 


Solution 

The new step in this example is to determine K, for the CgH;NH3* ion. The CsH;NHs3" ion is the conjugate acid 
of a weak base. The value of K, for this acid is not listed in Appendix H, but we can determine it from the value 
of Ky for aniline, CgHs;NHb, which is given as 4.3 x 107!° ([link] and Appendix I): 

Equation: 


K, (for CsH;NH3") x Ky (for CsH;NH) = K, = 1.0 x 10° 
Equation: 


K. 1.0 x 10° 
K,, (for CsH;NH3") = = = =2.3 x 10° 
Co Ky (for CsHs;NH2) A310)" : 


Now we have the ionization constant and the initial concentration of the weak acid, the information necessary to 
determine the equilibrium concentration of H30*, and the pH: 


Determine the Determine x and Solve for x and Check the math. 
direction of the equilibrium the equilibrium 


change. concentrations. concentrations. 


With these steps we find [H30*] = 2.3 x 10-3 M and pH = 2.64 

Check Your Learning 

(a) Do the calculations and show that the hydronium ion concentration for a 0.233-M solution of CgH;NH3°* is 
2.3 x 10°? and the pH is 2.64. 

(b) What is the hydronium ion concentration in a 0.100-M solution of ammonium nitrate, NH4,NOs3, a salt 
composed of the ions NH,* and NO; . Use the data in [link] to determine Kj, for the ammonium ion. Which is 
the stronger acid CgH;NH3* or NH,*? 


Note: 
Answer: 
(a) K, (for NH4+) = 5.6 x 10~1°, [H,0*] = 7.5 x 10-6 M; (b) CsH;NH3* is the stronger acid. 


Salts of Weak Acids and Strong Bases 


When we neutralize a weak acid with a strong base, we get a salt that contains the conjugate base of the weak acid. 
This conjugate base is usually a weak base. For example, sodium acetate, NaCH3COzy, is a salt formed by the 
reaction of the weak acid acetic acid with the strong base sodium hydroxide: 

Equation: 


CH3CO2H(aqg) + NaOH(aqg) —> NaCH3CO2(aq) + H2O0(aq) 


A solution of this salt contains sodium ions and acetate ions. The sodium ion has no effect on the acidity of the 
solution. However, the acetate ion, the conjugate base of acetic acid, reacts with water and increases the 
concentration of hydroxide ion: 

Equation: 


CH;CO,- (aq) + H,O(l) = CH3CO2H(ag) + OH~(aq) 


The equilibrium equation for this reaction is the ionization constant, Kj, for the base CH3CO2~. The value of Ky, 
can be calculated from the value of the ionization constant of water, K,,, and K,, the ionization constant of the 
conjugate acid of the anion using the equation: 

Equation: 


Ky = Ka x Ky 


For the acetate ion and its conjugate acid we have: 
Equation: 


K 1.0 x 10-4 
K, (for CH3CO, ) = 2 = = 5.6 x 10 2 
ptonCHsC0a:) K, (for CH3CO2H) 1.8 x 10> i 


Some handbooks do not report values of K,. They only report ionization constants for acids. If we want to 
determine a Ky value using one of these handbooks, we must look up the value of K, for the conjugate acid and 
convert it to a Ky, value. 


Example: 

Equilibrium in a Solution of a Salt of a Weak Acid and a Strong Base 

Determine the acetic acid concentration in a solution with [CH3CO2 | = 0.050 M and [OH ] = 2.5 x 10° Mat 
equilibrium. The reaction is: 

Equation: 


CH3CO, (aq) + H,O(1) = CH3CO2,H(ag) + OH (aq) 


Solution 

We are given two of three equilibrium concentrations and asked to find the missing concentration. If we can find 
the equilibrium constant for the reaction, the process is straightforward. 

The acetate ion behaves as a base in this reaction; hydroxide ions are a product. We determine Ky, as follows: 
Equation: 


K. 1.0 x 10-4 
K, (for CH3CO,) = z = =5.6 x 10 2 
Ls Ere (for CH3;CO2H) ~—«'1.8 x 10° : 


Now find the missing concentration: 


Equation: 
[CH3;COH][OH | 6 
D [CH,CO.] . 
Equation: 
6 
= [CH3CO2H] (2.5 x 10 ) = Re & 10-20 


(0.050) 


Solving this equation we get [CH3CO>H] = 1.1 x 10° M. 

Check Your Learning 

What is the pH of a 0.083-M solution of CN~? Use 4.9 x 107!° as K, for HCN. Hint: We will probably need to 
convert pOH to pH or find [H30"] using [OH ] in the final stages of this problem. 


Note: 
Answer: 
Hulett! 


Equilibrium in a Solution of a Salt of a Weak Acid and a Weak Base 


In a solution of a salt formed by the reaction of a weak acid and a weak base, the salt’s cation will be a weak acid 
(the conjugate acid of the weak base reactant) and its anion will be a weak base (the conjugate base of the weak 
acid reactant). To predict the pH of the salt solution, we must know both the K, of the acidic cation and the Ky of 
the basic anion. If K, > Ky, the solution is acidic, and if Kj, > K,, the solution is basic. 


Example: 

Determining the Acidic or Basic Nature of Salts 

Determine whether aqueous solutions of the following salts are acidic, basic, or neutral: 

(a) KBr 

(b) NaHCO3 

(c) NH,Cl 

(d) Na HPO, 

(e) NHF 

Solution 

Consider each of the ions separately in terms of its effect on the pH of the solution, as shown here: 

(a) The K* cation and the Br’ anion are both spectators, since they are the cation of a strong base (KOH) and the 
anion of a strong acid (HBr), respectively. The solution is neutral. 

(b) The Na* cation is a spectator, and will not affect the pH of the solution; while the HCO3 anion is 
amphiprotic. The K, of HCO37 is 4.7 x 10 and its K, is 2242 = 2.3 x 1078. 


4.3 x 10° 
Since K, >> K,, the solution is basic. 
(c) The NH," ion is acidic and the Cl’ ion is a spectator. The solution will be acidic. 
(d) The Na* cation is a spectator, and will not affect the pH of the solution, while the HPO,?~ anion is 
amphiprotic. The K, of HPO,?~ is 4.2 x 10°, 


14 ES, neers ' 
oe = 16 x 10~”. Because Ky >> Ka, the solution is basic. 


(e) The NH," ion is listed as being acidic, and the F ion is listed as a base, so we must directly compare the K, 
and the Kj, of the two ions. K, of NH4* is 5.6 x 101°, which seems very small, yet the Ky of Fis 1.4 x 10-4, so 
the solution is acidic, since K, > Ky. 

Check Your Learning 

Determine whether aqueous solutions of the following salts are acidic, basic, or neutral: 

(a) KyCO3 

(b) CaCl, 

(c) KH»PO, 

(d) (NH4)2CO3 

(e) AIBrs 


and its Ky is 


Note: 
Answer: 
(a) basic; (b) neutral; (c) acidic; (d) basic; (e) acidic 


The Ionization of Hydrated Metal Ions 


If we measure the pH of the solutions of a variety of metal ions we will find that these ions act as weak acids when 
in solution. The aluminum ion is an example. When aluminum nitrate dissolves in water, the aluminum ion reacts 
with water to give a hydrated aluminum ion, Al(HO),**, dissolved in bulk water. What this means is that the 
aluminum ion has the strongest interactions with the six closest water molecules (the so-called first solvation 
shell), even though it does interact with the other water molecules surrounding this Al(HO),** cluster as well: 
Equation: 


Al(NO3)3(s) + 6H20(1) —> Al(H20),** (ag) + 3NO3 (aq) 
We frequently see the formula of this ion written simply as “Al°*(aq)”, without explicitly noting that six water 
molecules are covalently bonded to the aluminum ion. This is similar to the simplification of the formula of the 
hydronium ion, H,O* to H”. In this case, a bonded water molecule acts as a weak acid ({link]) and donates a 


proton to a water molecule. 
Equation: 


Al(H20),°* (aq) + H20(l) = H30*(ag) + Al(H:0);(OH)”* (aq) K,=1A « 10" 
The conjugate base produced by this process contains five other bonded water molecules capable of acting as 
acids, and so the sequential or step-wise transfer of protons is possible as depicted in the equations below: 
Equation: 
Al(H20),3* (aq) + H,0(l) = H30*(aq) + Al(H20);(OH)** (aq) 
Equation: 
Al(H,0),(OH)** (aq) + H,O(1) = H30* (ag) + Al(H20),(OH),* (aq) 
Equation: 


Al(H20),(OH),* (aq) + H2O(1) = H30*(aq) + Al(H20),(OH)3(aq) 


This is an example of a polyprotic acid, the topic of discussion in a later section of this chapter. 


3+ 2+ 


~) @ 


| & ——_—<<_— 


Ie) Ie) 
[Al(H,0),]** HO [Al(H,0),OH]** H,0* 


When an aluminum ion reacts with water, the hydrated aluminum ion becomes a weak acid. 


Additional examples of the first stage in the ionization of hydrated metal ions are: 


Equation: 

Fe(H,0),**(aq) + H,O(l) = H30* (ag) + Fe(H,0),(OH)** (aq) pK, = 2.74 
Equation: 

Cu(H20),”* (ag) + H2,O(l) = H30*(ag) + Cu(H20),(OH) (aq) pK, = ~6.3 
Equation: 

Zn(H,0),”* (aq) + H,O(!) = H30* (aq) + Zn(H20),(OH) *(aq) pK, = 9.6 
Example: 


Hydrolysis of [Al(H,O),]°* 

Calculate the pH of a 0.10-M solution of aluminum chloride, which dissolves completely to give the hydrated 
aluminum ion [Al(H2O),]** in solution. 

Solution 

In spite of the unusual appearance of the acid, this is a typical acid ionization problem. 


Determine the Determine x and Solve for x and Check the math. 
direction of the equilibrium the equilibrium 


change. concentrations. concentrations. 


Determine. The  Kaare:Equation: 
the equation 
direction for the Al(H20),°* (aq) + H2O(1) = H30*(aq) + Al(H20),(OH)”* (aq) i= 1G 
of change reaction 
and 


Determine x and Use the 


equilibrium concentrations. table: 


Al(H20),°* + HJO == H30* + Al(H20)5(OH)* 


Initial concentration (M) 
Change (M) 


Solve forx __ . Substituting Equation: Equation: Solving Equation: 
and the the this 
equilibrium expressions [H3;0*][Al(H2O),(OH)**]_ _ (@)(w)_—_ 1.4 x 19-sequatione = 1.2 x 
concentrationsfor the a Al(H,0) 3+] 7 010=2 > gives: 

equilibrium e 

concentrations 

into the 


equation for 
the ionization 
constant 
yields: 
Check the work. The arithmetic checks; when 1.2% 10 °Mis substituted forx, the result =Ka. 


Check Your Learning 


What is [Al(H2O) ;(OH)**] in a 0.15-M solution of Al(NO3)3 that contains enough of the strong acid HNO3 to 
bring [H30*] to 0.10 M? 


Note: 
Answer: 
2.1 x 10°M 


The constants for the different stages of ionization are not known for many metal ions, so we cannot calculate the 
extent of their ionization. However, practically all hydrated metal ions other than those of the alkali metals ionize 
to give acidic solutions. Ionization increases as the charge of the metal ion increases or as the size of the metal ion 
decreases. 


Key Concepts and Summary 


The characteristic properties of aqueous solutions of Brgnsted-Lowry acids are due to the presence of hydronium 
ions; those of aqueous solutions of Brgnsted-Lowry bases are due to the presence of hydroxide ions. The 
neutralization that occurs when aqueous solutions of acids and bases are combined results from the reaction of the 
hydronium and hydroxide ions to form water. Some salts formed in neutralization reactions may make the product 
solutions slightly acidic or slightly basic. 


Solutions that contain salts or hydrated metal ions have a pH that is determined by the extent of the hydrolysis of 


the ions in the solution. The pH of the solutions may be calculated using familiar equilibrium techniques, or it may 
be qualitatively determined to be acidic, basic, or neutral depending on the relative K, and K, of the ions involved. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: Determine whether aqueous solutions of the following salts are acidic, basic, or neutral: 
(a) Al(NO3)3 
(b) RbI 
(c) KHCO, 
(d) CH3NH3Br 
Exercise: 
Problem: Determine whether aqueous solutions of the following salts are acidic, basic, or neutral: 
(a) FeCl3 
(b) K,CO3 
(c) NH4Br 
(d) KCIO4 
Solution: 


(a) acidic; (b) basic; (c) acidic; (d) neutral 
Exercise: 
Problem: 
Novocaine, C;3H 10 N>Cl, is the salt of the base procaine and hydrochloric acid. The ionization constant for 


procaine is 7 x 10~®. Is a solution of novocaine acidic or basic? What are [H30*], [OH], and pH of a 2.0% 
solution by mass of novocaine, assuming that the density of the solution is 1.0 g/mL. 


Polyprotic Acids 
By the end of this section, you will be able to: 


e Extend previously introduced equilibrium concepts to acids and bases that may donate or accept more than 
one proton 


We can classify acids by the number of protons per molecule that they can give up in a reaction. Acids such as 
HCl, HNOs, and HCN that contain one ionizable hydrogen atom in each molecule are called monoprotic acids. 
Their reactions with water are: 
Equation: 
HCl(aq) + H,O(l) —> H30*(aq) + Cl (aq) 
HNO3;(aq) + H2O(l) —> H307 (ag) + NO3 (aq) 
HCN(aq) + H,O(l) = H30*(aq) + CN (aq) 


Even though it contains four hydrogen atoms, acetic acid, CH3CO>H, is also monoprotic because only the 
hydrogen atom from the carboxyl group (COOH) reacts with bases: 


H oO H O 

| il . | ll 
H—C—C—O—H + HO m= _ 4,0 + a —o 
H H 
CH,COOH(aq) + HO.) = H,0*(aq) + CH,COO (aq) 


Similarly, monoprotic bases are bases that will accept a single proton. 


Diprotic acids contain two ionizable hydrogen atoms per molecule; ionization of such acids occurs in two steps. 
The first ionization always takes place to a greater extent than the second ionization. For example, sulfuric acid, a 
strong acid, ionizes as follows: 


Equation: 
First ionization: H,SO.(ag) + H2O(1) = H30*(ag) + HSOx (aq) K,1 = more than 107; comp 
Second ionization: HSO4 (aq) + H,O(l) = H30* (ag) + SO.” (aq) Ko=1.2 x 107% 


This stepwise ionization process occurs for all polyprotic acids. When we make a solution of a weak diprotic acid, 
we get a solution that contains a mixture of acids. Carbonic acid, H2COs, is an example of a weak diprotic acid. 
The first ionization of carbonic acid yields hydronium ions and bicarbonate ions in small amounts. 

Equation: 


First ionization: 
+ — 
H2CO3(aq) + H,O(l) = H30* (aq) + HCO3 (aq) Ky,co, = {H30*)[HCO37] 


= -7 
7H,COs] = 4.3 x 10 


The bicarbonate ion can also act as an acid. It ionizes and forms hydronium ions and carbonate ions in even 
smaller quantities. 
Equation: 


Second ionization: 


HCO "(aq) + H:0(1) = HjO*(ag) + CO3?-(aq) Kuco, = oie = 5.6 x 10-4 


Kxu,co, is larger than Kyco,- by a factor of 10*, so H»CO3 is the dominant producer of hydronium ion in the 
solution. This means that little of the HCO3 formed by the ionization of H2COs ionizes to give hydronium ions 
(and carbonate ions), and the concentrations of H30* and HCO3~ are practically equal in a pure aqueous solution 
of H2CO3. 


If the first ionization constant of a weak diprotic acid is larger than the second by a factor of at least 20, it is 
appropriate to treat the first ionization separately and calculate concentrations resulting from it before calculating 
concentrations of species resulting from subsequent ionization. This can simplify our work considerably because 
we can determine the concentration of H3O0* and the conjugate base from the first ionization, then determine the 
concentration of the conjugate base of the second ionization in a solution with concentrations determined by the 
first ionization. 


Example: 

Ionization of a Diprotic Acid 

When we buy soda water (carbonated water), we are buying a solution of carbon dioxide in water. The solution is 
acidic because CO) reacts with water to form carbonic acid, HyCO3. What are [H30*], [HCO37], and [CO3?7] in 
a saturated solution of CO» with an initial [H»CO3] = 0.033 M? 


Equation: 

H.CO3(aq) + H2O(l) = H30* (aq) + HCO3 (aq) Ky =4.3 x 1077 
Equation: 

HCO3 (aq) + H,O(1) = H30* (aq) + CO3? (aq) Ki =5.6 x 107" 
Solution 


As indicated by the ionization constants, HyCO3 is a much stronger acid than HCO3 , so H»CO3 is the dominant 
producer of hydronium ion in solution. Thus there are two parts in the solution of this problem: (1) Using the 
customary four steps, we determine the concentration of H30* and HCO37 produced by ionization of HyCO3. (2) 
Then we determine the concentration of CO3?~ ina solution with the concentration of H30* and HCO3— 
determined in (1). To summarize: 


[H30*] and [HCO3 ] [CO37 ] from 


from H2CO3 HCO3° 


Determine the Hs0*andHCO3_.Equation: 


concentrations 

of H,CO3(aq) ar H20(I) — H30* (aq) oP HCOsz (aq) [i = GLB Of 
Determine [H30*]and[HCO3; /both * 10~+.Equation: Equation: 
the equal M 

concentration to HCO3 (ag) + H2O(l) = H30* (aq) + COs" (aq) | 
of CO3?~ in LB HCOs” 
a solution at 

equilibrium 


with 


To summarize: In part 1 of this example, we found that the HyCO3 in a 0.033-M solution ionizes slightly and at 
equilibrium [HyCO3] = 0.033 M; [H3O*] = 1.2 x 104; and [HCO3-] = 1.2 x 10-4 M. In part 2, we 
determined that [CO3?-] = 5.6 x 10°" M. 

Check Your Learning 

The concentration of H»S in a saturated aqueous solution at room temperature is approximately 0.1 M. Calculate 
[H30*], [HS], and [S? ] in the solution: 


Equation: 

H.S(aq) + H2O(1) = H30* (aq) + HS (aq) Ka = 8.9 x 10°8 
Equation: 

HS (aq) + H,O(l) = H30* (ag) + 8?” (aq) K,2 =1.0 x 10° 
Note: 
Answer: 


[H2S] = 0.1 M; [H30*] = [HS] = 0.000094 M; [S*]=1 x 10 9M 
We note that the concentration of the sulfide ion is the same as Ka. This is due to the fact that each subsequent 
dissociation occurs to a lesser degree (as acid gets weaker). 


A triprotic acid is an acid that has three dissociable protons that undergo stepwise ionization: Phosphoric acid is a 
typical example: 


Equation: 
First ionization: H3PO4(ag) + H2O(l) = H30* (ag) + H2PO, (aq) Ky =7.5 x 10% 
Second ionization: H,PO4 (aq) + H2O(1) = H30* (aq) + HPO,” (aq) Ka. = 6.2 x 10° 
Third ionization: HPO,” (aq) + H2,O(1) = H30* (aq) + PO. (aq) Ki3 = 4.2 x 10°78 


As with the diprotic acids, the differences in the ionization constants of these reactions tell us that in each 
successive step the degree of ionization is significantly weaker. This is a general characteristic of polyprotic acids 
and successive ionization constants often differ by a factor of about 10° to 10°. 


This set of three dissociation reactions may appear to make calculations of equilibrium concentrations in a solution 
of H3PO, complicated. However, because the successive ionization constants differ by a factor of 10° to 10°, the 
calculations can be broken down into a series of parts similar to those for diprotic acids. 


Polyprotic bases can accept more than one hydrogen ion in solution. The carbonate ion is an example of a diprotic 
base, since it can accept up to two protons. Solutions of alkali metal carbonates are quite alkaline, due to the 
reactions: 

Equation: 


H,O(1) + CO3” (aq) = HCO3 (aq) +OH (ag) and H»,O(l) + HCO3 (aq) = H2CO3(aqg) + OH (ac 


Key Concepts and Summary 


An acid that contains more than one ionizable proton is a polyprotic acid. The protons of these acids ionize in 
steps. The differences in the acid ionization constants for the successive ionizations of the protons in a polyprotic 
acid usually vary by roughly five orders of magnitude. As long as the difference between the successive values of 
K, of the acid is greater than about a factor of 20, it is appropriate to break down the calculations of the 
concentrations of the ions in solution into a series of steps. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Which of the following concentrations would be practically equal in a calculation of the equilibrium 
concentrations in a 0.134-M solution of H2CO3, a diprotic acid: [H30*], [OH], [H2CO3], [HCO3 ], 
[CO3?-]? No calculations are needed to answer this question. 


Solution: 
[H30*] and [HCOs3_] are practically equal 


Exercise: 


Problem: Calculate the concentration of each species present in a 0.050-M solution of H2S. 
Exercise: 


Problem: 


Calculate the concentration of each species present in a 0.010-M solution of phthalic acid, CgH4(COH)>. 


CsHa(CO2H),(ag) + Hz0(1) = H30* (ag) + CgHu(CO2H) (CO2)~ (aq) K,=1.1 x 1073 
CoH, (CO2H) (CO,) (aq) + H,0(1) = H30* (aq) + CgH4(CO2),?" (aq) K, = 3.9 x 10.2 
Solution: 


[C6H4(CO2H)2] 7.2 x 10°3 M, [C6H4(CO2H)(CO2) ] = [H30°] 2.8 x 10° M, [C6H4(CO2),”"]3.9 x 10° 
M, [OH] 3.6 x 10° M 


Exercise: 


Problem: 


Salicylic acid, HOCgH4CO3H, and its derivatives have been used as pain relievers for a long time. Salicylic 
acid occurs in small amounts in the leaves, bark, and roots of some vegetation (most notably historically in 
the bark of the willow tree). Extracts of these plants have been used as medications for centuries. The acid 
was first isolated in the laboratory in 1838. 


(a) Both functional groups of salicylic acid ionize in water, with K,=1.0 x 107° for the—CO>H group and 
4.2 x 10°} for the -OH group. What is the pH of a saturated solution of the acid (solubility = 1.8 g/L). 


(b) Aspirin was discovered as a result of efforts to produce a derivative of salicylic acid that would not be 
irritating to the stomach lining. Aspirin is acetylsalicylic acid, CH3CO2CgH4CO2H. The —CO>H functional 
group is still present, but its acidity is reduced, K, = 3.0 x 104. What is the pH of a solution of aspirin with 
the same concentration as a saturated solution of salicylic acid (See Part a). 


(c) Under some conditions, aspirin reacts with water and forms a solution of salicylic acid and acetic acid: 
CH3CO2CgH,CO2H(aq) + H,O(I) — HOC,H4CO2H (aq) + CH3CO2H(agq) 


i. Which of the acids, salicylic acid or acetic acid, produces more hydronium ions in such a solution? 


ii. What are the concentrations of molecules and ions in a solution produced by the hydrolysis of 0.50 g of 
aspirin dissolved in enough water to give 75 mL of solution? 


Exercise: 


Problem: The ion HTe is an amphiprotic species; it can act as either an acid or a base. 
(a) What is K, for the acid reaction of HTe with HO? 
(b) What is K, for the reaction in which HTe™ functions as a base in water? 


(c) Demonstrate whether or not the second ionization of HyTe can be neglected in the calculation of [HTe ] in 
a 0.10 M solution of H»Te. 


Solution: 


@) Ka = 15% 10>: 
(b) Ky = 4.3 x 107°”; 
[Te’ [H307] _ (x)(0.0141+2) _ (x)(0.0141) __ =a 
(©) Te] = “Godi-2) ~ oa =15%x10 
Solving for x gives 1.5 x 10°! M. Therefore, compared with 0.014 M, this value is negligible (1.1 x 
10°7%),. 


Glossary 


diprotic acid 
acid containing two ionizable hydrogen atoms per molecule. A diprotic acid ionizes in two steps 


diprotic base 
base capable of accepting two protons. The protons are accepted in two steps 


monoprotic acid 
acid containing one ionizable hydrogen atom per molecule 


stepwise ionization 
process in which an acid is ionized by losing protons sequentially 


triprotic acid 
acid that contains three ionizable hydrogen atoms per molecule; ionization of triprotic acids occurs in three 
steps 


Buffers 
By the end of this section, you will be able to: 


e Describe the composition and function of acid-base buffers 
e Calculate the pH of a buffer before and after the addition of added acid or base 


A mixture of a weak acid and its conjugate base (or a mixture of a weak base and its conjugate acid) is called a 
buffer solution, or a buffer. Buffer solutions resist a change in pH when small amounts of a strong acid or a strong 
base are added ([link]). A solution of acetic acid and sodium acetate (CH3COOH + CH3COONa) is an example of 
a buffer that consists of a weak acid and its salt. An example of a buffer that consists of a weak base and its salt is 
a solution of ammonia and ammonium chloride (NH3(aq) + NH,4Cl(aq)). 


(b) 


(a) The buffered solution on the left and the unbuffered solution on the right have the same pH (pH 8); they 
are basic, showing the yellow color of the indicator methyl orange at this pH. (b) After the addition of 1 mL 
of a 0.01-M HCI solution, the buffered solution has not detectably changed its pH but the unbuffered solution 
has become acidic, as indicated by the change in color of the methyl orange, which turns red at a pH of about 
4. (credit: modification of work by Mark Ott) 


How Buffers Work 


A mixture of acetic acid and sodium acetate is acidic because the K, of acetic acid is greater than the Ky of its 
conjugate base acetate. It is a buffer because it contains both the weak acid and its salt. Hence, it acts to keep the 
hydronium ion concentration (and the pH) almost constant by the addition of either a small amount of a strong acid 
or a strong base. If we add a base such as sodium hydroxide, the hydroxide ions react with the few hydronium ions 
present. The decrease in hydronium ion concentration causes the acetic acid hydrolysis equilibrium to shift to the 
right, restoring the hydronium ion concentration almost to its original value, and yielding a relatively modest 
increase in pH: 

Equation: 


CH3CO2H(aq) + H,O0(l) = H30* (aq) + CH3COz2 (aq) 
If we add an acid such as hydrochloric acid, the resultant increase in hydronium ion concentration shifts the 


equilibrium to the left. This effectively converts the added strong acid to a much weaker acid (acetic acid), and the 
buffer solution thus experiences only a slight decrease in pH. 


CH,COOH(aq) + H,O() =———— _H,0*(aq) + CH,COO (aq) 


H,0* added, equilibrium position shifts to the left OH added, equilibrium position shifts to the right 
Aa SE 
CH,COOH(aq) <— CH,COO (aq) + H,0°* OH + CH3,COOH(aq) —> H,O(/) + CH3COO (aq) 


Buffer solution Buffer solution 


after addition Buffer solution after addition 


, equimolar in 
of strong acid acid and bass of strong base 


ae I aT: I By | 
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This diagram shows the buffer action of these reactions. 


A mixture of ammonia and ammonium chloride is basic because the K, for ammonia is greater than the K, for the 
ammonium ion. It is a buffer because it also contains the salt of the weak base. If we add a base (hydroxide ions), 
ammonium ions in the buffer react with the hydroxide ions to form ammonia and water and reduce the hydroxide 
ion concentration almost to its original value: 

Equation: 


NH," (aq) + OH (aq) —> NH3(aq) + H20(I) 


If we add an acid (hydronium ions), ammonia molecules in the buffer mixture react with the hydronium ions to 
form ammonium ions and reduce the hydronium ion concentration almost to its original value: 
Equation: 


H30* (aq) + NH3(aq) —> NH4*(ag) + H20(I) 


The three parts of the following example illustrate the change in pH that accompanies the addition of base to a 
buffered solution of a weak acid and to an unbuffered solution of a strong acid. 


Example: 

pH Changes in Buffered and Unbuffered Solutions 

Acetate buffers are used in biochemical studies of enzymes and other chemical components of cells to prevent pH 
changes that might change the biochemical activity of these compounds. 

(a) Calculate the pH of an acetate buffer that is a mixture with 0.10 M acetic acid and 0.10 M sodium acetate. 
Solution 

To determine the pH of the buffer solution we use a typical equilibrium calculation (as illustrated in earlier 
Examples): 


DetermineThe 30 ,CH3CO.2~,and3CO2H Equation: The 


the equilibrium Cal is: equi 

direction ina CH3CO2H(ag) + H20(l) = H30*(ag) + CH3CO»2 (aq)cons 

of change.mixture of for ¢ 
H 

Determinexand . A table of changes 


equilibrium and concentrations 
concentrations follows: 


CH,COzH + H,0 == 


Initial concentration (M) 
Change (M) 
Equilibrium constant (M) 


Solve for x and We Equation: andEquation: Thus:Equation: 
the equilibrium find: 
concentrations. x=1.8 x 10 °M [H30*] =0+2=1.8 x 10°M pH = —log/H30*] = —los 


Check the. If we calculate all calculated equilibrium concentrations, we find that the equilibrium value of Q=Ka. 
work the reaction coefficient, 


(b) Calculate the pH after 1.0 mL of 0.10 M NaOH is added to 100 mL of this buffer, giving a solution with a 
volume of 101 mL. 

First, we calculate the concentrations of an intermediate mixture resulting from the complete reaction between the 
acid in the buffer and the added base. Then we determine the concentrations of the mixture at the new 
equilibrium: 


Determine the One milliliter MNaOH_ Equation: 


ins: 0.10 mol NaOH 
moles of NaOH. (0.0010 L) of 0.10 contains: 0.0010 Ee x mol! Na Sg 10-2 meLNSOH 
1 
Determine the Before reaction, 0.100 Equation: 
moles of L of the buffer solution MARE 
sale .100 mo 
CH2COo2H. contains: anne Se ( “= Shemee? ) Ssh 10-? mol CH;CO.H 
x -4 dE -4 . 
Solve for The*10 mol of 10 mol3CO2H, Equation: 
the amount 1.0 NaOH of leaving: 
of neutralizes CH (Os 10e*)— (0.0056 10s") — 0.99 10 molt 
NaCH3CO>2 1.0 
produced. 
Find the After 3CO2H and3CO2are Equation: Equation: 
molarity reaction, NaCH contained in z 
ofthe CH 101 mL of Pee eae site) BUS = 
products. ie [CH3CO2H] 0.101 L 0.098 M[NaCH3CO3| = - 
intermediate 


solution, so: 


(c) For comparison, calculate the pH after 1.0 mL of 0.10 M NaOH is added to 100 mL of a solution of an 
unbuffered solution with a pH of 4.74 (a 1.8 x 10°°-M solution of HCl). The volume of the final solution is 101 
mL. 

Solution 

This 1.8 x 107°-M solution of HCl has the same hydronium ion concentration as the 0.10-M solution of acetic 
acid-sodium acetate buffer described in part (a) of this example. The solution contains: 

Equation: 


1.8 x 10->mol HCl 
1L 


0.100L x ( ) = 1.8 x 10 mol HCl 


As shown in part (b), 1 mL of 0.10 M NaOH contains 1.0 x 10-4 mol of NaOH. When the NaOH and HCl 
solutions are mixed, the HCl is the limiting reagent in the reaction. All of the HCl reacts, and the amount of 
NaOH that remains is: 

Equation: 


(1.0 x 107*) — (1.8 x 107°) =9.8 x 10° M 


The concentration of NaOH is: 
Equation: 


9.8 x 10°°M NaOH 
0.101 L 


=9.7 x 104M 


The pOH of this solution is: 
Equation: 


pOH = —log [OH | = —log (9.7 x 10-*) =3.01 


The pH is: 


Equation: 
pH = 14.00 — pOH = 10.99 


The pH changes from 4.74 to 10.99 in this unbuffered solution. This compares to the change of 4.74 to 4.75 that 
occurred when the same amount of NaOH was added to the buffered solution described in part (b). 

Check Your Learning 

Show that adding 1.0 mL of 0.10 M HCl changes the pH of 100 mL of a 1.8 x 10° M HCl solution from 4.74 to 
3.00. 


Note: 

Answer: 

Initial pH of 1.8 x 10°° M HCl; pH = -log[H30°] = —log[1.8 x 107°] = 4.74 

Moles of H30* in 100 mL 1.8 x 10°° M HCl; 1.8 x 10°? moles/L x 0.100 L = 1.8 x 10°° 

Moles of H30* added by addition of 1.0 mL of 0.10 M HCl: 0.10 moles/L x 0.0010 L = 1.0 x 104 moles; final 
PH after addition of 1.0 mL of 0.10 M HCl: 

Equation: 


total moles H30* 1.0 x 10-4mol+ 1.8 x 10-6 mol 
aaa See ae = —log SA" = 3.00 


101 mL( ae 


pH = —log[H307] = -tog( 
TET) 


total volume 


If we add an acid or a base to a buffer that is a mixture of a weak base and its salt, the calculations of the changes 
in pH are analogous to those for a buffer mixture of a weak acid and its salt. 


Buffer Capacity 


Buffer solutions do not have an unlimited capacity to keep the pH relatively constant ([link]). If we add so much 
base to a buffer that the weak acid is exhausted, no more buffering action toward the base is possible. On the other 
hand, if we add an excess of acid, the weak base would be exhausted, and no more buffering action toward any 
additional acid would be possible. In fact, we do not even need to exhaust all of the acid or base in a buffer to 
overwhelm it; its buffering action will diminish rapidly as a given component nears depletion. 


The indicator color (methyl orange) shows that a small amount of acid added to a buffered solution of pH 8 
(beaker on the left) has little affect on the buffered system (middle beaker). However, a large amount of acid 


exhausts the buffering capacity of the solution and the pH changes dramatically (beaker on the right). (credit: 
modification of work by Mark Ott) 


The buffer capacity is the amount of acid or base that can be added to a given volume of a buffer solution before 
the pH changes significantly, usually by one unit. Buffer capacity depends on the amounts of the weak acid and its 
conjugate base that are in a buffer mixture. For example, 1 L of a solution that is 1.0 M in acetic acid and 1.0 M in 
sodium acetate has a greater buffer capacity than 1 L of a solution that is 0.10 M in acetic acid and 0.10 M in 
sodium acetate even though both solutions have the same pH. The first solution has more buffer capacity because 
it contains more acetic acid and acetate ion. 


Selection of Suitable Buffer Mixtures 
There are two useful rules of thumb for selecting buffer mixtures: 


1. A good buffer mixture should have about equal concentrations of both of its components. A buffer solution 
has generally lost its usefulness when one component of the buffer pair is less than about 10% of the other. 
[link] shows an acetic acid-acetate ion buffer as base is added. The initial pH is 4.74. A change of 1 pH unit 
occurs when the acetic acid concentration is reduced to 11% of the acetate ion concentration. 


[CH,CO,H] is 11% of [CH,CO] 


0 10 20 30 40 50 60 70 80 90 100 110 
Added mL of 0.10 M NaOH 


The graph, an illustration of buffering action, shows change of pH as an increasing amount of a 0.10-M 
NaOH solution is added to 100 mL of a buffer solution in which, initially, [CH3CO ,H] = 0.10 M and 


2. Weak acids and their salts are better as buffers for pHs less than 7; weak bases and their salts are better as 
buffers for pHs greater than 7. 


Blood is an important example of a buffered solution, with the principal acid and ion responsible for the buffering 
action being carbonic acid, H»CO3, and the bicarbonate ion, HCO3 . When a hydronium ion is introduced to the 
blood stream, it is removed primarily by the reaction: 

Equation: 


H30*(aq) + HCOs3 (aq) = H2,CO3(aq) + H,0(I) 
An added hydroxide ion is removed by the reaction: 
Equation: 
OH (aq) + H2CO3(ag) —> HCOs3 (aq) + H20(!) 
The added strong acid or base is thus effectively converted to the much weaker acid or base of the buffer pair 
(H30* is converted to HyCO3 and OH" is converted to HCO3;°). The pH of human blood thus remains very near the 


value determined by the buffer pairs pKa, in this case, 7.35. Normal variations in blood pH are usually less than 
0.1, and pH changes of 0.4 or greater are likely to be fatal. 


The Henderson-Hasselbalch Equation 


The ionization-constant expression for a solution of a weak acid can be written as: 


Equation: 
x. FROUAT 
° [HA] 
Rearranging to solve for [H30*], we get: 
Equation: 
HA 
[H30*] = Ky x ! Al 
[A] 


Taking the negative logarithm of both sides of this equation, we arrive at: 
Equation: 


HA 
—log[H3;0*] = —logK, ee 


[A] 


which can be written as 
Equation: 
pH = pk, + log teal) 
i. [HA] 


where pK, is the negative of the common logarithm of the ionization constant of the weak acid (pK, = —log K,). 
This equation relates the pH, the ionization constant of a weak acid, and the concentrations of the weak acid and its 
salt in a buffered solution. Scientists often use this expression, called the Henderson-Hasselbalch equation, to 
calculate the pH of buffer solutions. It is important to note that the “x is small” assumption must be valid to use 
this equation. 


Note: 

Lawrence Joseph Henderson and Karl Albert Hasselbalch 

Lawrence Joseph Henderson (1878-1942) was an American physician, biochemist and physiologist, to name only 
a few of his many pursuits. He obtained a medical degree from Harvard and then spent 2 years studying in 
Strasbourg, then a part of Germany, before returning to take a lecturer position at Harvard. He eventually became 
a professor at Harvard and worked there his entire life. He discovered that the acid-base balance in human blood 
is regulated by a buffer system formed by the dissolved carbon dioxide in blood. He wrote an equation in 1908 to 
describe the carbonic acid-carbonate buffer system in blood. Henderson was broadly knowledgeable; in addition 
to his important research on the physiology of blood, he also wrote on the adaptations of organisms and their fit 
with their environments, on sociology and on university education. He also founded the Fatigue Laboratory, at the 
Harvard Business School, which examined human physiology with specific focus on work in industry, exercise, 
and nutrition. 

In 1916, Karl Albert Hasselbalch (1874-1962), a Danish physician and chemist, shared authorship in a paper with 
Christian Bohr in 1904 that described the Bohr effect, which showed that the ability of hemoglobin in the blood to 
bind with oxygen was inversely related to the acidity of the blood and the concentration of carbon dioxide. The 
PH scale was introduced in 1909 by another Dane, Sgrensen, and in 1912, Hasselbalch published measurements 
of the pH of blood. In 1916, Hasselbalch expressed Henderson’s equation in logarithmic terms, consistent with the 
logarithmic scale of pH, and thus the Henderson-Hasselbalch equation was born. 


Note: 

Medicine: The Buffer System in Blood 

The normal pH of human blood is about 7.4. The carbonate buffer system in the blood uses the following 
equilibrium reaction: 

Equation: 


CO2(g) + 2H,O(1) = H,CO3(ag) = HCO;~(aq) + H30* (aq) 


The concentration of carbonic acid, H)CO3 is approximately 0.0012 M, and the concentration of the hydrogen 
carbonate ion, HCOs_, is around 0.024 M. Using the Henderson-Hasselbalch equation and the pK, of carbonic 
acid at body temperature, we can calculate the pH of blood: 

Equation: 


[base] 0.024 
Reet BAe 
[acid] +108 0.0012 


pH = pK, + log 


The fact that the H»CO3 concentration is significantly lower than that of the HCO3” ion may seem unusual, but 
this imbalance is due to the fact that most of the by-products of our metabolism that enter our bloodstream are 
acidic. Therefore, there must be a larger proportion of base than acid, so that the capacity of the buffer will not be 
exceeded. 

Lactic acid is produced in our muscles when we exercise. As the lactic acid enters the bloodstream, it is 
neutralized by the HCO3— ion, producing HyCO3. An enzyme then accelerates the breakdown of the excess 
carbonic acid to carbon dioxide and water, which can be eliminated by breathing. In fact, in addition to the 
regulating effects of the carbonate buffering system on the pH of blood, the body uses breathing to regulate blood 
pH. If the pH of the blood decreases too far, an increase in breathing removes CO, from the blood through the 
lungs driving the equilibrium reaction such that [H30*] is lowered. If the blood is too alkaline, a lower breath rate 
increases CO» concentration in the blood, driving the equilibrium reaction the other way, increasing [H*] and 
restoring an appropriate pH. 


Note: 


Saas “Ss 
laa 
openstax 
aS 
a 2) 


View information on the buffer system encountered in natural waters. 


Key Concepts and Summary 


A solution containing a mixture of a weak acid and its conjugate base, or of a weak base and its conjugate acid, is 
called a buffer solution. The presence of a weak conjugate acid-base pair provides reactants that may neutralize 
small additions of strong acid or base, yielding weaker conjugate partners. The hydronium ion concentration of a 
buffer solution therefore does not change significantly when a small amount of acid or base is added. 


Key Equations 
° pK, = —log Ka 
° pK, = —log Ky 


i 
° pH = pK, + log 


Exercise: 


Problem: 


Explain why a buffer can be prepared from a mixture of NH4Cl and NaOH but not from NH3 and NaOH. 
Exercise: 


Problem: 


Explain why the pH does not change significantly when a small amount of an acid or a base is added to a 
solution that contains equal amounts of the acid H3POy, and a salt of its conjugate base NaH2POx. 


Solution: 


Excess H30” is removed primarily by the reaction: 

H30* (aq) + H2PO4- (ag) —> H3POq(aq) + H2O(I) 

Excess base is removed by the reaction: 

OH (aq) + H3PO4(aqg) —> H2PO4 (aq) + H20(/) 
Exercise: 

Problem: 


Explain why the pH does not change significantly when a small amount of an acid or a base is added to a 
solution that contains equal amounts of the base NH3 and a salt of its conjugate acid NH,Cl. 


Exercise: 
What is [H30*] in a solution of 0.25 M CH3CO>H and 0.030 M NaCH3CO;? 
Problem: CH3CO H(aq) + H2O(l) = H30*(aqg) + CH3CO2~ (aq) kR=18 x 10 
Solution: 


[H30*] =1.5 x 104M 


Exercise: 


What is [H30*] in a solution of 0.075 M HNO; and 0.030 M NaNO>? 
Problem: HNO>(aq) + H2O(l) = H30*(ag) + NO2~ (aq) Ka 45. 10° 


Exercise: 


What is [OH] in a solution of 0.125 M CH3NHp and 0.130 M CH3NH3Cl? 
Problem: CH3;NH,(aq) + H,O(l/) = CH3NH3*(aq) + OH (aq) k= 44% 10-7 


Solution: 


[OH ]=4.2 x 104M 


Exercise: 
What is [OH ] ina solution of 1.25 M NH3 and 0.78 M NH4NO3? 
Problem: NH3(aq) + H2O(l) = NH,*(aq) + OH (aq) Ky = 1.8 x 10° 
Exercise: 
Problem: 


What concentration of NH,NO3 is required to make [OH ] = 1.0 x 10° ina 0.200-M solution of NH3? 
Solution: 


Exercise: 


Problem: What concentration of NaF is required to make [H30*] = 2.3 x 10°4 in a 0.300-M solution of HF? 
Exercise: 


Problem: 


What is the effect on the concentration of acetic acid, hydronium ion, and acetate ion when the following are 
added to an acidic buffer solution of equal concentrations of acetic acid and sodium acetate: 


(a) HCl 

(b) KCH3CO> 
(c) NaCl 

(d) KOH 

(e) CH3CO2H 
Solution: 


(a) The added HCI will increase the concentration of H30* slightly, which will react with CH3CO2” and 
produce CH3CO>H in the process. Thus, |CH3CO2 | decreases and [CH3CO>H] increases. 

(b) The added KCH3CO, will increase the concentration of [CH3CO,_] which will react with H30* and 
produce CH3CO> H in the process. Thus, [H30*] decreases slightly and [CH3CO>H] increases. 

(c) The added NaCl will have no effect on the concentration of the ions. 

(d) The added KOH will produce OH" ions, which will react with the H30*, thus reducing [H30*]. Some 
additional CH3CO>H will dissociate, producing [CH3COz | ions in the process. Thus, [CH3CO>H] decreases 


slightly and [CH3CQz | increases. 
(e) The added CH3CO>H will increase its concentration, causing more of it to dissociate and producing more 
[CH3CO,_ | and H30* in the process. Thus, [H30*] increases slightly and [CH3COz2"]| increases. 


Exercise: 


Problem: 


What is the effect on the concentration of ammonia, hydroxide ion, and ammonium ion when the following 
are added to a basic buffer solution of equal concentrations of ammonia and ammonium nitrate: 


(a) KI 

(b) NH3 

(c) HI 

(d) NaOH 

(e) NH,Cl 
Exercise: 

Problem: 


What will be the pH of a buffer solution prepared from 0.20 mol NH3, 0.40 mol NH4NOs, and just enough 
water to give 1.00 L of solution? 


Solution: 


pH = 8.95 
Exercise: 
Problem: 
Calculate the pH of a buffer solution prepared from 0.155 mol of phosphoric acid, 0.250 mole of KH»POu,, 
and enough water to make 0.500 L of solution. 
Exercise: 
Problem: 


How much solid NaCH3CO>*3H,O must be added to 0.300 L of a 0.50-M acetic acid solution to give a buffer 
with a pH of 5.00? (Hint: Assume a negligible change in volume as the solid is added.) 


Solution: 


37 g (0.27 mol) 
Exercise: 
Problem: 
What mass of NH,Cl must be added to 0.750 L of a 0.100-M solution of NH3 to give a buffer solution with a 
pH of 9.26? (Hint: Assume a negligible change in volume as the solid is added.) 
Exercise: 
Problem: 


A buffer solution is prepared from equal volumes of 0.200 M acetic acid and 0.600 M sodium acetate. Use 
1.80 x 10° as K, for acetic acid. 


(a) What is the pH of the solution? 
(b) Is the solution acidic or basic? 


(c) What is the pH of a solution that results when 3.00 mL of 0.034 M HCl is added to 0.200 L of the original 
buffer? 


Solution: 


(a) pH = 5.222; 
(b) The solution is acidic. 
(c) pH = 5.221 


Exercise: 


Problem: A 5.36—g sample of NH,Cl was added to 25.0 mL of 1.00 M NaOH and the resulting solution 
diluted to 0.100 L. 

(a) What is the pH of this buffer solution? 

(b) Is the solution acidic or basic? 


(c) What is the pH of a solution that results when 3.00 mL of 0.034 M HCl is added to the solution? 
Exercise: 


Problem: 


Which acid in [link] is most appropriate for preparation of a buffer solution with a pH of 3.1? Explain your 
choice. 


Solution: 


7 
To prepare the best buffer for a weak acid HA and its salt, the ratio 0") should be as close to 1 as possible 
for effective buffer action. The [H30*] concentration in a buffer of pH 3.1 is [H30*] = 10-3! = 7.94 x 10-4 M 
We can now solve for K, of the best acid as follows: 


0°] 4 
K, = © =7.94 x 10-4 


In [link], the acid with the closest K, to 7.94 x 10° is HF, with a K, of 7.2 x 10“. 


Exercise: 
Problem: 
Which acid in [link] is most appropriate for preparation of a buffer solution with a pH of 3.7? Explain your 
choice. 
Exercise: 
Problem: 


Which base in [link] is most appropriate for preparation of a buffer solution with a pH of 10.65? Explain your 
choice. 


Solution: 


For buffers with pHs > 7, you should use a weak base and its salt. The most effective buffer will have a ratio 
ea) that is as close to 1 as possible. The pOH of the buffer is 14.00 — 10.65 = 3.35. Therefore, [OH ] is 
Ki Pp Pp 
[OH] = 10°POH = 1073-35 = 4.467 x 10-4 M. 
We can now solve for Ky, of the best base as follows: 
[OH] _ 1 
Ky 
Ky = [OH] = 4.47 x 104 


In [link], the base with the closest K, to 4.47 x 10°‘ is CH3NHp, with a K, = 4.4 « 107+. 
Exercise: 
Problem: 
Which base in [link] is most appropriate for preparation of a buffer solution with a pH of 9.20? Explain your 
choice. 
Exercise: 
Problem: 
Saccharin, C7H,NSO3H, is a weak acid (K, = 2.1 x 10°°). If 0.250 L of diet cola with a buffered pH of 5.48 


was prepared from 2.00 x 10°? g of sodium saccharide, Na(C7H,NSO3), what are the final concentrations of 
saccharine and sodium saccharide in the solution? 


Solution: 


The molar mass of sodium saccharide is 205.169 g/mol. Using the abbreviations HA for saccharin and NaA 
for sodium saccharide the number of moles of NaA in the solution is: 

9.75 x 10° mol 

The pKa for [HA] is 1.68, so [HA] = 6.2 x 19° M. Thus, [A-] (saccharin ions) is 3.90 x 10° M. 

Thus, [A~|(saccarin ions) is 3.90 x 10° M 


Exercise: 


Problem: 


What is the pH of 1.000 L of a solution of 100.0 g of glutamic acid (C5; HgNOx, a diprotic acid; K, = 8.5 x 
107°, Ky = 3.39 x 107!) to which has been added 20.0 g of NaOH during the preparation of monosodium 
glutamate, the flavoring agent? What is the pH when exactly 1 mol of NaOH per mole of acid has been 
added? 


Glossary 


buffer capacity 
amount of an acid or base that can be added to a volume of a buffer solution before its pH changes 
significantly (usually by one pH unit) 


buffer 
mixture of a weak acid or a weak base and the salt of its conjugate; the pH of a buffer resists change when 
small amounts of acid or base are added 


Henderson-Hasselbalch equation 
equation used to calculate the pH of buffer solutions 


Acid-Base Titrations 
By the end of this section, you will be able to: 


e Interpret titration curves for strong and weak acid-base systems 
¢ Compute sample pH at important stages of a titration 
e Explain the function of acid-base indicators 


As seen in the chapter on the stoichiometry of chemical reactions, titrations can be used to 
quantitatively analyze solutions for their acid or base concentrations. In this section, we will 
explore the changes in the concentrations of the acidic and basic species present in a solution 
during the process of a titration. 


Titration Curve 


Previously, when we studied acid-base reactions in solution, we focused only on the point at 
which the acid and base were stoichiometrically equivalent. No consideration was given to the pH 
of the solution before, during, or after the neutralization. 


Example: 

Calculating pH for Titration Solutions: Strong Acid/Strong Base 

A titration is carried out for 25.00 mL of 0.100 M HCI (strong acid) with 0.100 M of a strong 
base NaOH the titration curve is shown in [link]. Calculate the pH at these volumes of added base 
solution: 

(a) 0.00 mL 

(b) 12.50 mL 

(c) 25.00 mL 

(d) 37.50 mL 

Solution 

Since HCl is a strong acid, we can assume that all of it dissociates. The initial concentration of 
H30* is [H30*], = 0.100 M. When the base solution is added, it also dissociates completely, 
providing OH’ ions. The H30* and OH ions neutralize each other, so only those of the two that 
were in excess remain, and their concentration determines the pH. Thus, the solution is initially 
acidic (pH < 7), but eventually all the hydronium ions present from the original acid are 
neutralized, and the solution becomes neutral. As more base is added, the solution turns basic. 
The total initial amount of the hydronium ions is: 

Equation: 


nCED |, — [H3;0*], x 0.02500 L = 0.002500 mol 
Once X mL of the 0.100-M base solution is added, the number of moles of the OH’ ions 


introduced is: 
Equation: 


= 1L 


The total volume becomes: V = (25.00 mL + X mL)( aa ar 
The number of moles of H30* becomes: 
Equation: 


1L 
n(H*) = n(H*), — n(OH_), = 0.002500 mol — 0.100 M x XmL x ( TE 


The concentration of H30* is: 


Equation: 
H O+ _ n(H*) __ 0.002500 mol-0.100 M x X mL x ( quar) 
3 V (25.00 mL+X mL) (5,44) 
0.002500 mol x ( 4") —0.100 M x X mL 
= 25.00 mL+X mL 
Equation: 


pH = —log([H30*]) 


The preceding calculations work if n(H*), — n(OH_), > 0 and so n(H*) > 0. When 

n(H*), = n(OH_),, the H30* ions from the acid and the OH’ ions from the base mutually 
neutralize. At this point, the only hydronium ions left are those from the autoionization of water, 
and there are no OH particles to neutralize them. Therefore, in this case: 

Equation: 


[H;0*] = [OH], [H3;0*] = K, = 1.0 x 10°“; [H30*] =1.0 x 1077 
Equation: 
pH = —log(1.0 x 107’) = 7.00 


Finally, when n(OH), > n(H*)o, there are not enough H30* ions to neutralize all the OH” 
ions, and instead of n(H*) = n(H*), — n(OH ),, we calculate: 
n 


In this case: 


Equation: 
(OH"] = n(OH-) _ 0.100 Mx XmL x ( 7pgg4,) —0.002500 mol 
a (25.00 mL+X mL) (+44) 
0.100 M x X mL—0.002500 mol x ( 492") 
a 25.00 mL+X mL 
Equation: 


pH = 14 — pOH = 14 + log([OH J) 


Let us now consider the four specific cases presented in this problem: 


(a) X =O mL 
Equation: 


1000 mL 
one n(Ht) _ 0.002500 mol x | eer 
i V 25.00 mL 


pH = —log(0.100) = 1.000 


(b) X = 12.50 mL 
Equation: 


1000 mL 
H,0+) = n(H*) _ 0.002500 mol x (“) —0.100 M x 12.50 mL Ses 
: V 25.00 mL + 12.50 mL | 


pH = —log(0.0333) = 1.477 

(c) X = 25.00 mL 

Since the volumes and concentrations of the acid and base solutions are the same: 
n(H*)) = n(OH_)o, and pH = 7.000, as described earlier. 

(d) X = 37.50 mL 

In this case: 


Equation: 
n(OH_), > n(H*), 
Equation: 
OH- 0.100 M x 35.70 mL — 0.002500 mol x ( 1000mL 
[OH] = nna (Se) — 0.0200 M 
V 25.00 mL + 37.50 mL 


pH = 14 - pOH = 14 + log([OH ]) = 14 + log(0.0200) = 12.30 

Check Your Learning 

Calculate the pH for the strong acid/strong base titration between 50.0 mL of 0.100 M HNO3(aq) 
and 0.200 M NaOH (titrant) at the listed volumes of added base: 0.00 mL, 15.0 mL, 25.0 mL, and 
40.0 mL. 


Note: 
Answer: 
OWE OOS 50s i Sililile YSOe 72 400g ia sy28' 


In the example, we calculated pH at four points during a titration. [link] shows a detailed sequence 
of changes in the pH of a strong acid and a weak acid in a titration with NaOH. 


pH Values in the Titrations of a Strong Acid with a Strong Base and of a Weak Acid 
with a Strong Base 


Volume of 
0.100 M 
NaOH 
Added 
(mL) 
0.0 

5.0 
10.0 
15.0 
20.0 
22.0 
24.0 
24.5 
24.9 
25.0 
25.1 
25.5 
26.0 
28.0 
30.0 
35.0 
40.0 


45.0 


50.0 


Moles 
of 
NaOH 
Added 
0.0 
0.00050 
0.00100 
0.00150 
0.00200 
0.00220 
0.00240 
0.00245 
0.00249 
0.00250 
0.00251 
0.00255 
0.00260 
0.00280 
0.00300 
0.00350 
0.00400 


0.00450 


0.00500 


pH Values 0.100 M 
HC][footnote] 
Titration of 25.00 mL of 
0.100 M HCI (0.00250 
mol of HCI) with 0.100 
M NaOH. 

1.00 

1.18 

1.37 

1.60 

195 

2.20 

2.69 

3.00 

3.70 

7.00 

10.30 

11.00 

11,29 

11.75 

11.96 

12,22 

12.36 


12.46 


12.52 


pH Values 0.100 M 
CH3CO>H[footnote} 
Titration of 25.00 mL of 
0.100 M CH3CO,H (0.00250 
mol of CH3CO>H) with 
0.100 M NaOH. 

2.87 

4.14 

4.57 

4.92 

5.35 

5.61 

6.13 

6.44 

7.14 

8.72 

10.30 

11.00 

11,29 

11.75 

11.96 

12.22 

12.36 


12.46 


12.52 


The simplest acid-base reactions are those of a strong acid with a strong base. [link] shows data 
for the titration of a 25.0-mL sample of 0.100 M hydrochloric acid with 0.100 M sodium 
hydroxide. The values of the pH measured after successive additions of small amounts of NaOH 
are listed in the first column of this table, and are graphed in [link], in a form that is called a 
titration curve. The pH increases slowly at first, increases rapidly in the middle portion of the 
curve, and then increases slowly again. The point of inflection (located at the midpoint of the 
vertical part of the curve) is observed when the amount of base added is equivalent to the amount 
of acid in the sample according to the stoichiometry of the titration reaction. The volume of titrant 
containing this stoichiometric amount of base is called the equivalence point for the titration (see 
the earlier chapter on stoichiometry). For the titration of a strong acid with a strong base, the 
equivalence point occurs at a pH of 7.00 and the points on the titration curve can be calculated 
using solution stoichiometry ([link] and [link]). 


Titration of Strong Acid Titration of Weak Acid 
14 14 
13 13 
12 12 
11 11 
10 10 Equivalence 
9 9 point pH, 8.72 
8 Equivalence S 
= 7 point pH, 7.00 = 7 
6 6 
5 5 
4 4 
3 3 
2 2 
1 1 
0 0 
0 5 10 15 20 25 30 35 40 45 50 0 5 10 15 20 25 30 35 40 45 50 
Volume of 0.100 M NaOH added (mL) Volume of 0.100 M NaOH added (mL) 
(a) (b) 


(a) The titration curve for the titration of 25.00 mL of 0.100 M HCI (strong acid) with 0.100 

M NaOH (strong base) has an equivalence point of 7.00 pH. (b) The titration curve for the 

titration of 25.00 mL of 0.100 M acetic acid (weak acid) with 0.100 M NaOH (strong base) 
has an equivalence point of 8.72 pH. 


The titration of a weak acid with a strong base (or of a weak base with a strong acid) is somewhat 
more complicated than that just discussed, but it follows the same general principles. Let us 
consider the titration of 25.0 mL of 0.100 M acetic acid (a weak acid) with 0.100 M sodium 
hydroxide and compare the titration curve with that of the strong acid. [link] gives the pH values 
during the titration, [link] shows the titration curve. 


Although the initial volume and molarity of the acids are the same, there are important differences 
between the two titration curves. The titration curve for the weak acid begins at a higher value 
(less acidic) and maintains higher pH values up to the equivalence point. This is because acetic 
acid is a weak acid, which is only partially ionized. The pH at the equivalence point is also higher 
(8.72 rather than 7.00) due to the hydrolysis of acetate, a weak base that raises the pH: 

Equation: 


CH3COz2 (aq) + H,0(1) = CH3CO2H(I) + OH (aq) 


After the equivalence point, the two curves are identical because the pH is dependent on the 
excess of hydroxide ion in both cases. 


Example: 

Titration of a Weak Acid with a Strong Base 

The titration curve shown in [link] is for the titration of 25.00 mL of 0.100 M CH3CO>H with 
0.100 M NaOH. The reaction can be represented as: 

Equation: 


CH3CO.H + OH —> CH3CO2 + H2O 


(a) What is the initial pH before any amount of the NaOH solution has been added? K, = 1.8 x 

107° for CH3CO>H. 

(b) Find the pH after 25.00 mL of the NaOH solution have been added. 

(c) Find the pH after 12.50 mL of the NaOH solution has been added. 

(d) Find the pH after 37.50 mL of the NaOH solution has been added. 

Solution 

(a) Assuming that the dissociated amount is small compared to 0.100 M, we find that: 
H30*][CH3CO,~ H,0* 

K,= ! LG a CEsom, , and 

[H;0*] = /K, x [CH3CO2H] = V1.8 x 10-> x 0.100=1.3 x 10-3 

Equation: 


pH = —log(1.3 x 107%) = 2.87 


(b) After 25.00 mL of NaOH are added, the number of moles of NaOH and CH3CO>H are equal 
because the amounts of the solutions and their concentrations are the same. All of the CH3CO,H 
has been converted to CH3CO,_. The concentration of the CH3CO 9° ion is: 

Equation: 


0.00250 mol 


— 0.0500 MCH3CO,- 
0.0500 L a 


The equilibrium that must be focused on now is the basicity equilibrium for CH3CO2" : 
Equation: 


CH3CO, (aq) + H2O(l) = CH3CO2H(aq) + OH (aq) 


so we must determine Kj, for the base by using the ion product constant for water: 
Equation: 


= [CH3CO2H][OH | 
Ue WCHCOse| 
Equation: 
tae [CH3CO. |[H™] go (CHsCO2H] _ [H"] 
‘ [CH3CO.H] °  [CH3CO.~| K, | 
Since K,, = [H*][OH ]: 
Equation: 
+ = -14 
Kee [H |[OH | = Ky = 1.0 x 10 Shiites 10722 
ee K, 18x 104 


Let us denote the concentration of each of the products of this reaction, CH3CO>H and OH , as x. 
Using the assumption that x is small compared to 0.0500 M, Ay, = assy , and then: 
Equation: 


p= (OHM — 5.3 x dr: 
Equation: 
pOH = —log(5.3 x 107°) = 5.28 
Equation: 
pH = 14.00 — 5.28 = 8.72 


Note that the pH at the equivalence point of this titration is significantly greater than 7. 

(c) In (b), 25.00 mL of the NaOH solution was added, and so practically all the CH3CO 2H was 
converted into CH3CQ,_. In this case, only 12.50 mL of the base solution has been introduced, 
and so only half of all the CH3CO>H is converted into CH3CO, . The total initial number of 
moles of CH3CO>H is 0.02500L x 0.100 M = 0.00250 mol, and so after adding the NaOH, the 
numbers of moles of CH3CO 2H and CH3CO 2° are both approximately equal to 

a = 0.00125 mol, and their concentrations are the same. 

Since the amount of the added base is smaller than the original amount of the acid, the 
equivalence point has not been reached, the solution remains a buffer, and we can use the 
Henderson-Hasselbalch equation: 

Equation: 


[Base] 
[Acid] 


[CH3CO, ] 


ee = Slop l Sols leet I 
(CH,COoEi og(1.8 x ) + log(1) 


pH = pK, + log 


= —log(K,) + log 


(as the concentrations of CH3CO2” and CH3CO2H are the same) 
Thus: 


Equation: 
pH = —log(1.8 x 107°) = 4.74 


(the pH = the pK, at the halfway point in a titration of a weak acid) 

(d) After 37.50 mL of NaOH is added, the amount of NaOH is 0.03750 L x 0.100 M = 0.003750 
mol NaOH. Since this is past the equivalence point, the excess hydroxide ions will make the 
solution basic, and we can again use stoichiometric calculations to determine the pH: 

Equation: 


(0.003750 mol — 0.00250 mol) 


* -2 
0.06250 L = 2.00 x 10 °M 


[OH] = 
So: 
Equation: 


pOH = —log (2.00 x 10-*) = 1.70, and pH = 14.00 — 1.70 = 12.30 


Note that this result is the same as for the strong acid-strong base titration example provided, 
since the amount of the strong base added moves the solution past the equivalence point. 

Check Your Learning 

Calculate the pH for the weak acid/strong base titration between 50.0 mL of 0.100 M 
HCOOH(aq) (formic acid) and 0.200 M NaOH (titrant) at the listed volumes of added base: 0.00 
mL, 15.0 mL, 25.0 mL, and 30.0 mL. 


Note: 
Answer: 
O:00 mile: 22372 15:0 mili: 3°92: 25.00 mE: 8:29: 30-0 mk: 1127097 


Acid-Base Indicators 


Certain organic substances change color in dilute solution when the hydronium ion concentration 
reaches a particular value. For example, phenolphthalein is a colorless substance in any aqueous 
solution with a hydronium ion concentration greater than 5.0 x 10 9 M (pH < 8.3). In more basic 
solutions where the hydronium ion concentration is less than 5.0 x 10°? M (pH > 8.3), it is red or 
pink. Substances such as phenolphthalein, which can be used to determine the pH of a solution, 
are called acid-base indicators. Acid-base indicators are either weak organic acids or weak 
organic bases. 


The equilibrium in a solution of the acid-base indicator methyl orange, a weak acid, can be 
represented by an equation in which we use HIn as a simple representation for the complex 
methyl orange molecule: 


Equation: 


HIn(aq) + H,O(1) = H30*(aq) + In (aq) 
red yellow 


Equation: 


[H30"][In ] 


—4.0 x 104 
[HIn| 


K,= 


The anion of methyl orange, In , is yellow, and the nonionized form, HIn, is red. When we add 
acid to a solution of methyl orange, the increased hydronium ion concentration shifts the 
equilibrium toward the nonionized red form, in accordance with Le Chatelier’s principle. If we 
add base, we shift the equilibrium towards the yellow form. This behavior is completely 
analogous to the action of buffers. 


An indicator’s color is the visible result of the ratio of the concentrations of the two species In- 
and HIn. If most of the indicator (typically about 60-90% or more) is present as In , then we see 
the color of the In’ ion, which would be yellow for methyl orange. If most is present as HIn, then 
we see the color of the HIn molecule: red for methyl orange. For methyl orange, we can rearrange 
the equation for K, and write: 


Equation: 
[In-] _ [substance with yellowcolor] —s K, 
[HIn} [substance with red color] = [H30*] 
This shows us how the ratio of ia varies with the concentration of hydronium ion. 


The above expression describing the indicator equilibrium can be rearranged: 
Equation: 


{H30*] _ [Hin] 
K, [In7] 
Equation: 
we EE) (ti) 
Equation: 


Equation: 


epi 
Equation: 
[In| [base] 
H = pKa+l —— H = pK, +1 
a og ( ie Pe ek pal 


The last formula is the same as the Henderson-Hasselbalch equation, which can be used to 
describe the equilibrium of indicators. 


When [H30*] has the same numerical value as K,, the ratio of [In] to [HIn] is equal to 1, 
meaning that 50% of the indicator is present in the red form (HIn) and 50% is in the yellow ionic 
form (In), and the solution appears orange in color. When the hydronium ion concentration 
increases to 8 x 1074 M (a pH of 3.1), the solution turns red. No change in color is visible for any 
further increase in the hydronium ion concentration (decrease in pH). At a hydronium ion 
concentration of 4 x 107° M (a pH of 4.4), most of the indicator is in the yellow ionic form, and a 
further decrease in the hydronium ion concentration (increase in pH) does not produce a visible 
color change. The pH range between 3.1 (red) and 4.4 (yellow) is the color-change interval of 
methyl orange; the pronounced color change takes place between these pH values. 


There are many different acid-base indicators that cover a wide range of pH values and can be 
used to determine the approximate pH of an unknown solution by a process of elimination. 
Universal indicators and pH paper contain a mixture of indicators and exhibit different colors at 
different pHs. [link] presents several indicators, their colors, and their color-change intervals. 


Crystal violet 


Cresol red 


| Eg 
Thymol blue — 4 
= 


Erythrosin B 

2,4-Dinitrophenol g 

Bromphenol blue gg 

Methyl orange _ 

Bromcresol green gg 

Methyl red | 

Eriochrome* Black T 

Bromcresol purple Ci 

Alizarin — | 

Bromthymol blue  § 

Phenol red — | 
_i 


m-Nitrophenol 


o-Cresolphthalein 


Phenolphthalein 


Thymolphthalein | 
Alizarin yellow R — | 


* Trademark Ciba-Geigy 


This chart illustrates the ranges of color change for several acid-base indicators. 


Titration curves help us pick an indicator that will provide a sharp color change at the equivalence 
point. The best selection would be an indicator that has a color change interval that brackets the 
pH at the equivalence point of the titration. 


Color change pH intervals for three different acid-base indicators are shown in [link]. Since the 
phenolphthalein color change interval occurs within the near-vertical portions of both titrations 
curves, this indicator may be used to signal the end point in both strong and weak acid titrations. 


Titration of weak acid CH,COOH __ 
Equivalence — 
point pH, 8.72 


Phenolphthalein 
pH range 


pH 


oO rF NY WO fF AO DN O O 


Litmus pH range 


Methyl orange 
pH range 


0 5 10 15 20 25 30 35 40 45 50 
Volume of 0.100 M NaOH added (mL) 


The graph shows a titration curve for the titration of 25.00 mL of 0.100 M CH3CO2H (weak 
acid) with 0.100 M NaOH (strong base) and the titration curve for the titration of HCl (strong 
acid) with NaOH (strong base). The pH ranges for the color change of phenolphthalein, 
litmus, and methyl orange are indicated by the shaded areas. 


Litmus is a suitable indicator for the HC] titration because its color change brackets the 
equivalence point. However, we should not use litmus for the CH3;CO H titration because the pH 
is within the color-change interval of litmus when only about 12 mL of NaOH has been added, 
and it does not leave the range until 25 mL has been added. The color change would be very 
gradual, taking place during the addition of 13 mL of NaOH, making litmus useless as an 
indicator of the equivalence point. 


We could use methyl orange for the HCl titration, but it would not give very accurate results: (1) It 
completes its color change slightly before the equivalence point is reached (but very close to it, so 
this is not too serious); (2) it changes color, as [link] shows, during the addition of nearly 0.5 mL 
of NaOH, which is not so sharp a color change as that of litmus or phenolphthalein; and (3) it goes 
from yellow to orange to red, making detection of a precise endpoint much more challenging than 
the colorless to pink change of phenolphthalein. [link] shows us that methyl orange would be 
completely useless as an indicator for the CH3COH titration. Its color change begins after about 1 
mL of NaOH has been added and ends when about 8 mL has been added. The color change is 
completed long before the equivalence point (which occurs when 25.0 mL of NaOH has been 
added) is reached and hence provides no indication of the equivalence point. 


We base our choice of indicator on a calculated pH, the pH at the equivalence point. At the 
equivalence point, equimolar amounts of acid and base have been mixed, and the calculation 
becomes that of the pH of a solution of the salt resulting from the titration. 


Key Concepts and Summary 


A titration curve is a graph that relates the change in pH of an acidic or basic solution to the 
volume of added titrant. The characteristics of the titration curve are dependent on the specific 
solutions being titrated. The pH of the solution at the equivalence point may be greater than, equal 
to, or less than 7.00. The choice of an indicator for a given titration depends on the expected pH at 
the equivalence point of the titration, and the range of the color change of the indicator. 

Exercise: 


Problem: 


Explain how to choose the appropriate acid-base indicator for the titration of a weak base 
with a strong acid. 


Solution: 


At the equivalence point in the titration of a weak base with a strong acid, the resulting 
solution is slightly acidic due to the presence of the conjugate acid. Thus, pick an indicator 
that changes color in the acidic range and brackets the pH at the equivalence point. Methyl 
orange is a good example. 


Exercise: 


Problem: 


Explain why an acid-base indicator changes color over a range of pH values rather than at a 
specific pH. 


Exercise: 


Problem: 


Why can we ignore the contribution of water to the concentrations of H30* in the solutions 
of following acids: 


0.0092 M HCIO, a weak acid 

0.0810 M HCN, a weak acid 

0.120 MFe(H2O),2* a weak acid, K, = 1.6 x 10°7 

but not the contribution of water to the concentration of OH ? 
Solution: 


In an acid solution, the only source of OH ions is water. We use K,, to calculate the 
concentration. If the contribution from water was neglected, the concentration of OH’ would 


be zero. 
Exercise: 
Problem: 


Why can we ignore the contribution of water to the concentration of OH ina solution of the 
following bases: 


0.0784 M CgHsNHb, a weak base 
0.11 M (CH3)3N, a weak base 


but not the contribution of water to the concentration of H30*? 
Exercise: 
Problem: 
Draw a curve for a series of solutions of HF. Plot [H30*)]otq) on the vertical axis and the total 
concentration of HF (the sum of the concentrations of both the ionized and nonionized HF 


molecules) on the horizontal axis. Let the total concentration of HF vary from 1 x 107!° M to 
1x 10°? M. 


Solution: 


Plot of [H,0*] Against [HF] 
10° 


10% 


10719 
10710 10% 10-6 104 1072 


[HF], (™) 


Exercise: 
Problem: 
Draw a curve similar to that shown in [link] for a series of solutions of NH3. Plot [OH ] on 
the vertical axis and the total concentration of NH3 (both ionized and nonionized NH3 


molecules) on the horizontal axis. Let the total concentration of NH3 vary from 1 x 10°!° M 
tol x 10°M. 


Exercise: 


Problem: 


Calculate the pH at the following points in a titration of 40 mL (0.040 L) of 0.100 M 
barbituric acid (K, = 9.8 x 107°) with 0.100 M KOH. 


(a) no KOH added 

(b) 20 mL of KOH solution added 
(c) 39 mL of KOH solution added 
(d) 40 mL of KOH solution added 


(e) 41 mL of KOH solution added 


Solution: 
(a) pH = 2.50; 
(b) pH = 4.01; 
(c) pH = 5.60; 
(d) pH = 8.35; 
(e) pH = 11.08 
Exercise: 
Problem: 


The indicator dinitrophenol is an acid with a K, of 1.1 x 1074. Ina 1.0 x 10°*-M solution, it 
is colorless in acid and yellow in base. Calculate the pH range over which it goes from 10% 
ionized (colorless) to 90% ionized (yellow). 


Glossary 


acid-base indicator 
organic acid or base whose color changes depending on the pH of the solution it is in 


color-change interval 
range in pH over which the color change of an indicator takes place 


titration curve 
plot of the pH of a solution of acid or base versus the volume of base or acid added during a 
titration 


Introduction 
class="introduction" 


Balancing Oxidation-Reduction Reactions 
e Galvanic Cells 

e Standard Reduction Potentials 

e The Nernst Equation 

Batteries and Fuel Cells 

Corrosion 

Electrolysis 


Electric 
vehicles 
contain 
batteries 
that can be 
recharged, 
thereby 
using 
electric 
energy to 
bring about 
a chemical 
change and 
vice versa. 
(credit: 
modificatio 
n of work 
by Robert 
Couse- 
Baker) 


Electrochemistry deals with chemical reactions that produce electricity and 
the changes associated with the passage of electrical current through matter. 
The reactions involve electron transfer, and so they are oxidation-reduction 
(or redox) reactions. Many metals may be purified or electroplated using 
electrochemical methods. Devices such as automobiles, smartphones, 
electronic tablets, watches, pacemakers, and many others use batteries for 
power. Batteries use spontaneous chemical reactions to produce electricity 
that can be converted into useful work. All electrochemical systems involve 
the transfer of electrons. In many systems, the reactions occur in a region 
known as the cell, where the transfer of electrons occurs at electrodes. 


Galvanic Cells 
By the end of this section, you will be able to: 


e Use cell notation to describe galvanic cells 
¢ Describe the basic components of galvanic cells 


Galvanic cells, also known as voltaic cells, are electrochemical cells in which spontaneous oxidation- 
reduction reactions produce electrical energy. In writing the equations, it is often convenient to separate the 
oxidation-reduction reactions into half-reactions to facilitate balancing the overall equation and to 
emphasize the actual chemical transformations. 


Consider what happens when a clean piece of copper metal is placed in a solution of silver nitrate ({link]). 
As soon as the copper metal is added, silver metal begins to form and copper ions pass into the solution. 
The blue color of the solution on the far right indicates the presence of copper ions. The reaction may be 
split into its two half-reactions. Half-reactions separate the oxidation from the reduction, so each can be 
considered individually. 


Equation: 
oxidation: Cu(s) —> Cu?*(aq) + 2e7 
reduction: 2 x (Ag*(ag) +e~ —> Ag(s)) or 2Ag* (aq) + 2e —+ 2Ag(s) 


overall: 2Ag‘(aq) + Cu(s) —> 2Ag(s) + Cu**(aq) 


The equation for the reduction half-reaction had to be doubled so the number of electrons “gained” in the 
reduction half-reaction equaled the number of electrons “lost” in the oxidation half-reaction. 


(a) (b) (c) 


When a clean piece of copper metal is placed into a clear solution of silver nitrate (a), an oxidation- 
reduction reaction occurs that results in the exchange of Cu** for Ag* ions in solution. As the reaction 
proceeds (b), the solution turns blue (c) because of the copper ions present, and silver metal is 
deposited on the copper strip as the silver ions are removed from solution. (credit: modification of 
work by Mark Ott) 


Galvanic or voltaic cells involve spontaneous electrochemical reactions in which the half-reactions are 
separated ([link]) so that current can flow through an external wire. The beaker on the left side of the figure 
is called a half-cell, and contains a 1 M solution of copper(II) nitrate [Cu(NO3)>] with a piece of copper 
metal partially submerged in the solution. The copper metal is an electrode. The copper is undergoing 
oxidation; the copper electrode is referred to as the anode. The anode is connected to a voltmeter with a 
wire and the other terminal of the voltmeter is connected to a silver electrode by a wire. The silver is 
undergoing reduction; the silver electrode is referred to as the cathode. The half-cell on the right side of the 
figure consists of the silver electrode in a 1 M solution of silver nitrate (AgNO3). At this point, no current 


flows—that is, no significant movement of electrons through the wire occurs because the circuit is open. 
The circuit is closed using a salt bridge, which transmits the current with moving ions. The salt bridge 
consists of a concentrated, nonreactive, electrolyte solution such as the sodium nitrate (NaNO3) solution 
used in this example. As electrons flow from left to right through the electrode and wire, nitrate ions 
(anions) pass through the porous plug on the left into the copper(II) nitrate solution. This keeps the beaker 
on the left electrically neutral by neutralizing the charge on the copper(II) ions that are produced in the 
solution as the copper metal is oxidized. At the same time, the nitrate ions are moving to the left, sodium 
ions (cations) move to the right, through the porous plug, and into the silver nitrate solution on the right. 
These added cations “replace” the silver ions that are removed from the solution as they were reduced to 
silver metal, keeping the beaker on the right electrically neutral. Without the salt bridge, the compartments 
would not remain electrically neutral and no significant current would flow. However, if the two 
compartments are in direct contact, a salt bridge is not necessary. The instant the circuit is completed, the 
voltmeter reads +0.46 V, this is called the cell potential. The cell potential is created when the two 
dissimilar metals are connected, and is a measure of the energy per unit charge available from the 
oxidation-reduction reaction. The volt is the derived SI unit for electrical potential 
Equation: 
volt = V = = 
C 


Voltmeter 


Flow of anions <— —!} Flow of cations 


Cu anode | — 


Ag cathode } + 


Salt bridge (NaNO3) 


plug 


. 
Porous Ag* 
NO3° 


1 M solution of 1 M solution of 
copper (Il) nitrate silver nitrate 
(Cu(NO3)2) (AgNO3) 


In this standard galvanic cell, the half-cells are separated; electrons can flow through an external wire 
and become available to do electrical work. 


When the electrochemical cell is constructed in this fashion, a positive cell potential indicates a spontaneous 
reaction and that the electrons are flowing from the left to the right. There is a lot going on in [link], so it is 
useful to summarize things for this system: 


e Electrons flow from the anode to the cathode: left to right in the standard galvanic cell in the figure. 

e The electrode in the left half-cell is the anode because oxidation occurs here. The name refers to the 
flow of anions in the salt bridge toward it. 

e The electrode in the right half-cell is the cathode because reduction occurs here. The name refers to the 
flow of cations in the salt bridge toward it. 


e Oxidation occurs at the anode (the left half-cell in the figure). 

e Reduction occurs at the cathode (the right half-cell in the figure). 

e The cell potential, +0.46 V, in this case, results from the inherent differences in the nature of the 
materials used to make the two half-cells. 

e The salt bridge must be present to close (complete) the circuit and both an oxidation and reduction 
must occur for current to flow. 


There are many possible galvanic cells, so a shorthand notation is usually used to describe them. The cell 
notation (sometimes called a cell diagram) provides information about the various species involved in the 
reaction. This notation also works for other types of cells. A vertical line, | , denotes a phase boundary and 
a double line, ||, the salt bridge. Information about the anode is written to the left, followed by the anode 
solution, then the salt bridge (when present), then the cathode solution, and, finally, information about the 
cathode to the right. The cell notation for the galvanic cell in [link] is then 

Equation: 


Cu(s) | Cu?*(aq, 1M) | Ag’ (aq, 1 M) | Ag(s) 


Note that spectator ions are not included and that the simplest form of each half-reaction was used. When 
known, the initial concentrations of the various ions are usually included. 


One of the simplest cells is the Daniell cell. It is possible to construct this battery by placing a copper 
electrode at the bottom of a jar and covering the metal with a copper sulfate solution. A zinc sulfate solution 
is floated on top of the copper sulfate solution; then a zinc electrode is placed in the zinc sulfate solution. 
Connecting the copper electrode to the zinc electrode allows an electric current to flow. This is an example 
of a cell without a salt bridge, and ions may flow across the interface between the two solutions. 


Some oxidation-reduction reactions involve species that are poor conductors of electricity, and so an 
electrode is used that does not participate in the reactions. Frequently, the electrode is platinum, gold, or 
graphite, all of which are inert to many chemical reactions. One such system is shown in [link]. Magnesium 
undergoes oxidation at the anode on the left in the figure and hydrogen ions undergo reduction at the 
cathode on the right. The reaction may be summarized as 

Equation: 


oxidation: Mg(s) —> Mg?*(aq) + 2e7 

reduction: 2H* (aq) + 2e°9 —+ H2(g) 

overall: Mg(s) + 2H*(aqg) —> Mg?*(aq) + Ho(g) 
The cell used an inert platinum wire for the cathode, so the cell notation is 
Equation: 

Mg(s) | Mg** (aq) |[H* (aq) | Ho(g) | Pt(s) 

The magnesium electrode is an active electrode because it participates in the oxidation-reduction reaction. 
Inert electrodes, like the platinum electrode in [link], do not participate in the oxidation-reduction reaction 


and are present so that current can flow through the cell. Platinum or gold generally make good inert 
electrodes because they are chemically unreactive. 


Example: 


Using Cell Notation 
Consider a galvanic cell consisting of 
Equation: 


2Cr(s) + 3Cu?*(aq) —> 2Cr**(aq) + 3Cu(s) 


Write the oxidation and reduction half-reactions and write the reaction using cell notation. Which reaction 
occurs at the anode? The cathode? 

Solution 

By inspection, Cr is oxidized when three electrons are lost to form Cr?*, and Cu?* is reduced as it gains 
two electrons to form Cu. Balancing the charge gives 

Equation: 


oxidation: 2Cr(s) —> 2Cr**(ag) + 6e7 
reduction: 3Cu”* (ag) + 6e —> 3Cu(s) 
overall: 2Cr(s) + 3Cu**(aq) —> 2Cr**(aq) + 3Cu(s) 


Cell notation uses the simplest form of each of the equations, and starts with the reaction at the anode. No 
concentrations were specified so: Cr(s) | Cr°*(aq) || Cu?‘ (aq) | Cu(s). Oxidation occurs at the anode 
and reduction at the cathode. 

Using Cell Notation 

Consider a galvanic cell consisting of 

Equation: 


5Fe’* (aq) + MnO, (aq) + 8H*(aq) —> 5Fe**(aq) + Mn?*(aq) + 4H,0(I) 


Write the oxidation and reduction half-reactions and write the reaction using cell notation. Which reaction 
occurs at the anode? The cathode? 

Solution 

By inspection, Fe** undergoes oxidation when one electron is lost to form Fe?*, and MnOy,_ is reduced as it 
gains five electrons to form Mn?*. Balancing the charge gives 

Equation: 


oxidation: 5(Fe’* (aq) —> Fe*+(aq) + e7) 
reduction: | MnO," (aq) + 8H*(aq) + 5e~> —> Mn?*(aq) + 4H20(I) 
overall: 5Fe”* (aq) + MnO4-(aq) + 8H+(aq) —> 5Fe?*(aq) + Mn?*(aq) + 4H2O(1) 


Cell notation uses the simplest form of each of the equations, and starts with the reaction at the anode. It is 
necessary to use an inert electrode, such as platinum, because there is no metal present to conduct the 
electrons from the anode to the cathode. No concentrations were specified so: 

Pt(s) | Fe’*(agq), Fe** (aq) || MnO4- (ag), H*(ag), Mn”* (aq) | Pt(s). Oxidation occurs at the anode 
and reduction at the cathode. 

Check Your Learning 

Use cell notation to describe the galvanic cell where copper(II) ions are reduced to copper metal and zinc 
metal is oxidized to zinc ions. 


Note: 
Answer: 


From the information given in the problem: 
anode (oxidation): Zn(s) —> Zn?*(aq) + 2e7 
cathode (reduction): Cu?*(aq) + 2e79 —> Cu(s) 


overall: 7nu(s) Cu (ag) —+ Zn?" (ag) + Culs) 
Using cell notation: 


Zn(s) | Zn** (aq) || Cu**(aq) | Cu(s). 


Conducting 
wire 


Nonreactive 
platinum wire 


= y = 
i | / L j 
é / a 


Salt bridge ) 
Wacol Solution of 
: MoClh 
js Solution of 
HCI Bubbles of 
H 
X X\ 4 
~ gt — Or 

Oxidation Reduction 


Mg —> Mg?* + 2e7 2H* + 2e —>H, 


The oxidation of magnesium to magnesium ion occurs in the beaker on the left side in this apparatus; 
the reduction of hydrogen ions to hydrogen occurs in the beaker on the right. A nonreactive, or inert, 
platinum wire allows electrons from the left beaker to move into the right beaker. The overall reaction 
is: Mg + 2H* —> Mg?* + Ho, which is represented in cell notation as: 

Mg(s) | Mg**(aq) || H*(aq) | He(9) | Pt(s). 


Key Concepts and Summary 


Electrochemical cells typically consist of two half-cells. The half-cells separate the oxidation half-reaction 
from the reduction half-reaction and make it possible for current to flow through an external wire. One half- 
cell, normally depicted on the left side in a figure, contains the anode. Oxidation occurs at the anode. The 


anode is connected to the cathode in the other half-cell, often shown on the right side in a figure. Reduction 
occurs at the cathode. Adding a salt bridge completes the circuit allowing current to flow. Anions in the salt 
bridge flow toward the anode and cations in the salt bridge flow toward the cathode. The movement of 
these ions completes the circuit and keeps each half-cell electrically neutral. Electrochemical cells can be 
described using cell notation. In this notation, information about the reaction at the anode appears on the 
left and information about the reaction at the cathode on the right. The salt bridge is represented by a double 
line, ||. The solid, liquid, or aqueous phases within a half-cell are separated by a single line, | . The phase 
and concentration of the various species is included after the species name. Electrodes that participate in the 
oxidation-reduction reaction are called active electrodes. Electrodes that do not participate in the oxidation- 
reduction reaction but are there to allow current to flow are inert electrodes. Inert electrodes are often made 
from platinum or gold, which are unchanged by many chemical reactions. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Write the following balanced reactions using cell notation. Use platinum as an inert electrode, if 
needed. 


(a) Mg(s) + Ni?*(aqg) —> Mg**(aq) + Ni(s) 

(b) 2Ag*(ag) + Cu(s) —> Cu?*(ag) + 2Ag(s) 

(c) Mn(s) + Sn(NO,)(aqg) —* Mn(NO,)2(aq) + Au(s) 

(d) 3CuNOs3(aq) + Au(NO,)3(ag) —> 3Cu(NO,)2(aq) + Au(s) 
Solution: 


(a) Mg(s) | Mg?*(aq) || Ni?*(agq) | Ni(s); (b) Cu(s) | Cu**(aq) || Ag” (ag) | Ag(s); (c) 
Mn(s) | Mn?*(aq) || Sn?*(aq) | Sn(s); (d) Pt(s) | Cut(ag), Cu**(aq) || Au®*(aq) | Au(s) 


Exercise: 


Problem: 


Given the following cell notations, determine the species oxidized, species reduced, and the oxidizing 
agent and reducing agent, without writing the balanced reactions. 


(a) Mg(s) | Mg?*(aq) || Cu’* (aq) | Cu(s) 


(b) Ni(s) | Ni?*(aq) || Ag*(aq) | Ag(s) 


Exercise: 


Problem: For the cell notations in the previous problem, write the corresponding balanced reactions. 
Solution: 


(a) Mg(s) + Cu’*(aq) —> Mg?*(aq) + Cu(s); (b) 2Ag*(aq) + Ni(s) —> Ni**(aq) + 2Ag(s) 


Exercise: 


Problem: 


Balance the following reactions and write the reactions using cell notation. Ignore any inert electrodes, 
as they are never part of the half-reactions. 


(a) Al(s) + Zr**(aqg) —> Al*(aq) + Zr(s) 


(b) Ag* (aq) + NO(g) —> Ag(s) + NO3 (aq) (acidic solution) 

(c) SiO3?- (aq) + Mg(s) —> Si(s) + Mg(OH),(s) (basic solution) 

(d) C103" (ag) + MnO2(s) —> Cl (aq) + MnO, (aq) (basic solution) 
Exercise: 

Problem: 


Identify the species oxidized, species reduced, and the oxidizing agent and reducing agent for all the 
reactions in the previous problem. 


Solution: 


Species oxidized = reducing agent: (a) Al(s); (b) NO(g); (c) Mg(s); and (d) MnO.(s); Species reduced 
= oxidizing agent: (a) Zr**(aq); (b) Ag*(aq); (c) SiO3”- (aq); and (d) ClO3~ (aq) 


Exercise: 


Problem: From the information provided, use cell notation to describe the following systems: 


(a) In one half-cell, a solution of Pt(NO3)2 forms Pt metal, while in the other half-cell, Cu metal goes 
into a Cu(NOs3)2 solution with all solute concentrations 1 M. 


(b) The cathode consists of a gold electrode in a 0.55 M Au(NOs3)3 solution and the anode is a 
magnesium electrode in 0.75 M Mg(NO3), solution. 


(c) One half-cell consists of a silver electrode in a 1 M AgNOs solution, and in the other half-cell, a 
copper electrode in 1 M Cu(NOs3)» is oxidized. 


Exercise: 


Problem: Why is a salt bridge necessary in galvanic cells like the one in [link]? 
Solution: 
Without the salt bridge, the circuit would be open (or broken) and no current could flow. With a salt 
bridge, each half-cell remains electrically neutral and current can flow through the circuit. 
Exercise: 
Problem: 
An active (metal) electrode was found to gain mass as the oxidation-reduction reaction was allowed to 
proceed. Was the electrode part of the anode or cathode? Explain. 


Exercise: 


Problem: 


An active (metal) electrode was found to lose mass as the oxidation-reduction reaction was allowed to 
proceed. Was the electrode part of the anode or cathode? Explain. 


Solution: 


Active electrodes participate in the oxidation-reduction reaction. Since metals form cations, the 
electrode would lose mass if metal atoms in the electrode were to oxidize and go into solution. 
Oxidation occurs at the anode. 


Exercise: 


Problem: 


The mass of three different metal electrodes, each from a different galvanic cell, were determined 
before and after the current generated by the oxidation-reduction reaction in each cell was allowed to 
flow for a few minutes. The first metal electrode, given the label A, was found to have increased in 
mass; the second metal electrode, given the label B, did not change in mass; and the third metal 
electrode, given the label C, was found to have lost mass. Make an educated guess as to which 
electrodes were active and which were inert electrodes, and which were anode(s) and which were the 
cathode(s). 


Glossary 


active electrode 
electrode that participates in the oxidation-reduction reaction of an electrochemical cell; the mass of an 
active electrode changes during the oxidation-reduction reaction 


anode 
electrode in an electrochemical cell at which oxidation occurs; information about the anode is recorded 
on the left side of the salt bridge in cell notation 


cathode 
electrode in an electrochemical cell at which reduction occurs; information about the cathode is 
recorded on the right side of the salt bridge in cell notation 


cell notation 
shorthand way to represent the reactions in an electrochemical cell 


cell potential 
difference in electrical potential that arises when dissimilar metals are connected; the driving force for 
the flow of charge (current) in oxidation-reduction reactions 


galvanic cell 
electrochemical cell that involves a spontaneous oxidation-reduction reaction; electrochemical cells 
with positive cell potentials; also called a voltaic cell 


inert electrode 
electrode that allows current to flow, but that does not otherwise participate in the oxidation-reduction 
reaction in an electrochemical cell; the mass of an inert electrode does not change during the 
oxidation-reduction reaction; inert electrodes are often made of platinum or gold because these metals 
are chemically unreactive. 


voltaic cell 
another name for a galvanic cell 


Standard Reduction Potentials 
By the end of this section, you will be able to: 


e Determine standard cell potentials for oxidation-reduction reactions 
e Use standard reduction potentials to determine the better oxidizing or reducing agent from among 
several possible choices 


The cell potential in [link] (+0.46 V) results from the difference in the electrical potentials for each 
electrode. While it is impossible to determine the electrical potential of a single electrode, we can assign 
an electrode the value of zero and then use it as a reference. The electrode chosen as the zero is shown in 
[link] and is called the standard hydrogen electrode (SHE). The SHE consists of 1 atm of hydrogen 
gas bubbled through a 1 M HCI solution, usually at room temperature. Platinum, which is chemically 
inert, is used as the electrode. The reduction half-reaction chosen as the reference is 

Equation: 


2H*(aq,1M)+2e = H2(g, 1 atm) E°=0V 


E?° is the standard reduction potential. The superscript “°” on the E denotes standard conditions (1 bar or 
1 atm for gases, 1 M for solutes). This voltage is defined as zero for all temperatures. 


Pt electrode atoms 


Pt wire 


H2(9) 


Pt electrode 


Half-reaction at Pt surface: 
2H*(ag, 1 M) + 2e ~—> H,(g, 1 atm) 


Hydrogen gas at 1 atm is bubbled through 1 M HCI solution. Platinum, which is inert to the action 
of the 1 M HCL, is used as the electrode. Electrons on the surface of the electrode combine with H* 
in solution to produce hydrogen gas. 


A galvanic cell consisting of a SHE and Cu2*/Cu half-cell can be used to determine the standard 
reduction potential for Cu?* ([link]). In cell notation, the reaction is 
Equation: 


Pt(s) | H2(g, 1 atm) | H*(aqg, 1 M)||Cu?* (ag, 1M) | Cu(s) 


Electrons flow from the anode to the cathode. The reactions, which are reversible, are 
Equation: 


Anode (oxidation): H2(g) —> 2H" (aq) + 2e— 
Cathode (reduction): Cu?* (aq) + 2e —> Cu(s) 
Overall: Cu** (aq) + He(g) —> 2H* (aq) + Cu(s) 


The standard cell potential, E°..), can be determined by subtracting the standard reduction potential for 
the reaction occurring at the anode from the standard reduction potential for the reaction occurring at the 
cathode. The minus sign is necessary because oxidation is the reverse of reduction. The minus sign is 
necessary because oxidation is the reverse of reduction. 

Equation: 


Fen = FF ode a Deas 


Equation: 


+0.34 V = Foy jcu = Ey i, = Foy jou c- 0 = Fou /cu 


Voltmeter 


H2(g) 


Standard 
hydrogen 
electrode 


1MH* 1M Cu2* 


A galvanic cell can be used to determine the standard reduction potential of Cu?*. 


Using the SHE as a reference, other standard reduction potentials can be determined. Consider the cell 
shown in [link], where 
Equation: 


Pt(s) | Ha(g, 1 atm) | H* (ag, 1 M)|| Ag* (aq, 1M) | Ag(s) 


Electrons flow from left to right, and the reactions are 
Equation: 


anode (oxidation): H2(g) —> 2H* (aq) + 2e7 
cathode (reduction): 2Ag* (aq) + 2e° —> 2Ag(s) 
overall: 2Ag* (aq) + Ho(g) —> 2H* (aq) + 2Ag(s) 


The standard cell potential, E°., can be determined by subtracting the standard reduction potential for 
the reaction occurring at the anode from the standard reduction potential for the reaction occurring at the 
cathode. The minus sign is needed because oxidation is the reverse of reduction. 

Equation: 


Feet _ Fe cthade —E 


anode 


Equation: 


+0.80 V = Eggtjag — Buta, = Eagt/ag —9 = Eagtsag 


It is important to note that the potential is not doubled for the cathode reaction. 


The SHE is rather dangerous and rarely used in the laboratory. Its main significance is that it established 
the zero for standard reduction potentials. Once determined, standard reduction potentials can be used to 


determine the standard cell potential, F,.,,, for any cell. For example, for the cell shown in [link], 
Equation: 


Cu(s) | Cu?* (aq, 1 M)|| Ag‘ (ag, 1M) | Ag(s) 


Equation: 
anode (oxidation): Cu(s) —> Cu?" (aq) + 2e7 
cathode (reduction): 2Ag* (aq) + 2e° —> 2Ag(s) 
overall: Cu(s) + 2Ag' (ag) —> Cu’*(aq) + 2Ag(s) 
Equation: 


Eeen = Do stads ~~ cae = Eng ag = Eq /cu = 0.80 V — 0.34 V = 0.46 V 


Again, note that when calculating F,,,,, standard reduction potentials always remain the same even when 
a half-reaction is multiplied by a factor. Standard reduction potentials for selected reduction reactions are 
shown in [link]. A more complete list is provided in Appendix L. 


Voltmeter 


H2(g) 


Salt bridge 


HNO.(aq) 


SHE : AgNO3(aq) 
anode 


Oxidation half-reaction: Reduction half-reaction: 
H2(9) —> 2H*(aq) + 2e7 2Ag*(aq) + 2e° —> 2Agq(s) 
Overall reaction: 2Ag*(aq) + H(g) —> 2H*(aq) + 2Ag(s) 


A galvanic cell can be used to determine the standard reduction potential of Ag’. The SHE on the 
left is the anode and assigned a standard reduction potential of zero. 


Selected Standard Reduction Potentials at 25 °C 


Half-Reaction E° (V) 
F2(g) + 2e —> 2F (aq) +2.866 
PbO2(s) + SO?" (aq) + 4H* (aq) + 20° —+ PbSO,(s) + 2H2O0(I) +1.69 

MnO," (aq) + 8H* (ag) + 5e> —> Mn?*(aq) + 4H20(1) +1.507 


Au** (aq) +3e —> Au(s) +1.498 


Selected Standard Reduction Potentials at 25 °C 


Half-Reaction E° (Vv) 
Clo(g) + 2e° —> 2Cl- (aq) +1.35827 
O2(g) +4H* (aq) +4e° —> 2H2O(I) +1.229 
Pt?* (aq) + 2e7 —+ Pt(s) +1.20 
Bro(aq) + 2e —> 2Br (aq) +1.0873 
Ag’ (ag) +e —> Ag(s) +0.7996 
Hg,” (aq) +2e° —> 2Hg(l) +0.7973 
Fe** (aq) +e” —> Fe?*(aq) +0.771 
MnO, (aq) + 2H2O(1) + 3e° —> MnOz(s) + 40H (aq) +0.558 
In(s) + 2e° —+ 21 (aq) +0.5355 
NiOo2(s) + 2H2O0(1) + 2e° —>+ Ni(OH),(s) + 20H (aq) +0.49 
Cu?* (aq) + 2e° —>+ Cu(s) +0.34 
Hg,Clo(s) + 2e° —> 2Hg(l) + 2Cl (aq) +0.26808 
AgCl(s) +e— — Ag(s) + Cl (aq) +0.22233 
Sn** (aq) + 2e° —> Sn?*(aq) +0.151 
2H* (aq) + 2e° —+ H2(g) 0.00 
Pb?* (aq) + 2e° —> Pb(s) -0.1262 
Sn?* (ag) + 2e7 —> Sn(s) -0.1375 
Ni?* (aq) + 2e7 —> Ni(s) —0.257 
Co** (aq) + 2e7 —+ Co(s) -0.28 
PbSO4(s) + 2e°9 —>+ Pb(s) + SO4?" (aq) -0.3505 
Cd?* (ag) +2e— —> Cd(s) -0.4030 


Fe’* (aq) + 2e° —> Fe(s) -0.447 


Selected Standard Reduction Potentials at 25 °C 


Half-Reaction E° (Vv) 
Cr®* (aq) + 3e7 —> Cr(s) -0.744 
Mn?" (aq) + 2e° —> Mn(s) -1.185 
Zn(OH),(s) + 2e° —> Zn(s) + 20H (aq) =1045 
Zn”* (aq) + 2e° —> Zn(s) —0.7618 
Al** (aq) + 3e7 —> Al(s) 1.662 
Mg?”(aq) + 2e° —> Mg(s) —=2iar2 
Na*(aq) +e —> Na(s) —2.71 
Ca?* (aq) + 2e7 —> Ca(s) —2.868 
Ba”* (aq) + 2e7 —> Ba(s) 2,912 
K* (aq) +e —> K(s) “2.931 
Li’ (ag) +e” —> Li(s) -3.04 


Tables like this make it possible to determine the standard cell potential for many oxidation-reduction 
reactions. 


Example: 

Cell Potentials from Standard Reduction Potentials 

What is the standard cell potential for a galvanic cell that consists of Au**/Au and Ni?*/Ni half-cells? 
Identify the oxidizing and reducing agents. 

Solution 

Using [link], the reactions involved in the galvanic cell, both written as reductions, are 

Equation: 


Au** (aq) + 3e— —> Au(s) ere = +1.498 V 
Equation: 
Ni?*(aq) +2e7 —> Ni(s) Le = —0.257 V 
Galvanic cells have positive cell potentials, and all the reduction reactions are reversible. The reaction at 
the anode will be the half-reaction with the smaller or more negative standard reduction potential. 


Reversing the reaction at the anode (to show the oxidation) but not its standard reduction potential 
gives: 


Equation: 


Anode (oxidation): Ni(s) —> Ni?*(aq) + 2e7 Eanode = Eyi2+ ni = —9-257 V 
Cathode (reduction): Au°* (aq) + 3e7 —> Au(s) Ecathode = Eaus+/Au = +1.498 V 


The least common factor is six, so the overall reaction is 
Equation: 


3Ni(s) + 2Au** (aq) —> 3Ni?* (aq) + 2Au(s) 


The reduction potentials are not scaled by the stoichiometric coefficients when calculating the cell 
potential, and the unmodified standard reduction potentials must be used. 
Equation: 
Foe = cathode ~ anode = 1-498 V — (—0.257 V) = 1.755 V 
From the half-reactions, Ni is oxidized, so it is the reducing agent, and Au" is reduced, so it is the 
oxidizing agent. 
Check Your Learning 
A galvanic cell consists of a Mg electrode in 1 M Mg(NOs3) solution and a Ag electrode in 1 M AgNO3 


solution. Calculate the standard cell potential at 25 °C. 


Note: 
Answer: 


Mg(s) + 2Ag*(aqg) —> Mg?*(aq) + 2Ag(s) Een = 0.7996 V — (—2.372 V) = 3.172 V 


Key Concepts and Summary 


Assigning the potential of the standard hydrogen electrode (SHE) as zero volts allows the determination 
of standard reduction potentials, E°, for half-reactions in electrochemical cells. As the name implies, 
standard reduction potentials use standard states (1 bar or 1 atm for gases; 1 M for solutes, often at 
298.15 K) and are written as reductions (where electrons appear on the left side of the equation). The 
reduction reactions are reversible, so standard cell potentials can be calculated by subtracting the 
standard reduction potential for the reaction at the anode from the standard reduction potential for the 
reaction at the cathode. When calculating the standard cell potential, the standard reduction potentials are 
not scaled by the stoichiometric coefficients in the balanced overall equation. 


Key Equations 


- Eeen = Fe thos ae 


anode 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


For each reaction listed, determine its standard cell potential at 25 °C and whether the reaction is 
spontaneous at standard conditions. 


(a) Mg(s) + Ni** (aq) —> Mg** (aq) + Ni(s) 

(b) 2Ag* (aq) + Cu(s) —> Cu?* (aq) + 2Ag(s) 

(c) Mn(s) + Sn(NO,)2(ag) —> Mn(NO,)(aq) + Sn(s) 

(d) 3Fe(NO)2(ag) + Au(NO,)3(aq) —> 3Fe(NO,)3(aq) + Au(s) 
Solution: 


(a) +2.115 V (spontaneous); (b) +0.4626 V (spontaneous); (c) +1.0589 V (spontaneous); (d) +0.727 
V (spontaneous) 


Exercise: 


Problem: 


For each reaction listed, determine its standard cell potential at 25 °C and whether the reaction is 
spontaneous at standard conditions. 


(a) Mn(s) + Ni?*(aq) —> Mn?" (aq) + Ni(s) 
(b) 3Cu?* (aq) + 2Al(s) —> 2A1°* (aq) + 3Cu(s) 
(c) Na(s) + LiNO3(aq) —> NaNOs3(aq) + Li(s) 


(d) Ca(NO,)2(aq) + Ba(s) —+ Ba(NO,)2(aq) + Ca(s) 
Exercise: 


Problem: 


Determine the overall reaction and its standard cell potential at 25 °C for this reaction. Is the 
reaction spontaneous at standard conditions? 


Cu(s) | Cu* (ag) || Au** (ag) | Au(s) 
Solution: 


3Cu(s) + 2Au** (aq) —> 3Cu?*(aq) + 2Au(s); +1.16 V; spontaneous 


Exercise: 


Problem: 


Determine the overall reaction and its standard cell potential at 25 °C for the reaction involving the 
galvanic cell made from a half-cell consisting of a silver electrode in 1 M silver nitrate solution and 
a half-cell consisting of a zinc electrode in 1 M zinc nitrate. Is the reaction spontaneous at standard 
conditions? 


Exercise: 


Problem: 


Determine the overall reaction and its standard cell potential at 25 °C for the reaction involving the 
galvanic cell in which cadmium metal is oxidized to 1 M cadmium(ID) ion and a half-cell consisting 
of an aluminum electrode in 1 M aluminum nitrate solution. Is the reaction spontaneous at standard 
conditions? 


Solution: 


3Cd(s) + 2Al°* (ag) —+ 3Cd?* (aq) + 2Al(s); -1.259 V; nonspontaneous 
Exercise: 


Problem: 


Determine the overall reaction and its standard cell potential at 25 °C for these reactions. Is the 
reaction spontaneous at standard conditions? Assume the standard reduction for Br.(/) is the same 
as for Br2(aq). 

Pt(s) | H2(g) | H* (aq) || Bro(ag), Br~ (aq) | Pt(s) 


Glossary 


standard cell potential (/,,,;) 
the cell potential when all reactants and products are in their standard states (1 bar or 1 atm or gases; 
1 M for solutes), usually at 298.15 K; can be calculated by subtracting the standard reduction 
potential for the half-reaction at the anode from the standard reduction potential for the half-reaction 
occurring at the cathode 


standard hydrogen electrode (SHE) 
the electrode consists of hydrogen gas bubbling through hydrochloric acid over an inert platinum 
electrode whose reduction at standard conditions is assigned a value of 0 V; the reference point for 
standard reduction potentials 


standard reduction potential (E°) 
the value of the reduction under standard conditions (1 bar or 1 atm for gases; 1 M for solutes) 
usually at 298.15 K; tabulated values used to calculate standard cell potentials 


Batteries and Fuel Cells 
By the end of this section, you will be able to: 


e Classify batteries as primary or secondary 
e List some of the characteristics and limitations of batteries 
e Provide a general description of a fuel cell 


A battery is an electrochemical cell or series of cells that produces an electric current. In principle, 
any galvanic cell could be used as a battery. An ideal battery would never run down, produce an 
unchanging voltage, and be capable of withstanding environmental extremes of heat and humidity. 
Real batteries strike a balance between ideal characteristics and practical limitations. For example, the 
mass of a car battery is about 18 kg or about 1% of the mass of an average car or light-duty truck. This 
type of battery would supply nearly unlimited energy if used in a smartphone, but would be rejected 
for this application because of its mass. Thus, no single battery is “best” and batteries are selected for a 
particular application, keeping things like the mass of the battery, its cost, reliability, and current 
capacity in mind. There are two basic types of batteries: primary and secondary. A few batteries of 
each type are described next. 


Note: 


openstax 
——S 
= 


Visit this site to learn more about batteries. 


Primary Batteries 


Primary batteries are single-use batteries because they cannot be recharged. A common primary 
battery is the dry cell ({link]). The dry cell is a zinc-carbon battery. The zinc can serves as both a 
container and the negative electrode. The positive electrode is a rod made of carbon that is surrounded 
by a paste of manganese(IV) oxide, zinc chloride, ammonium chloride, carbon powder, and a small 
amount of water. The reaction at the anode can be represented as the ordinary oxidation of zinc: 
Equation: 


Zn(s) —+ Zn?*(aq) + 2e7 Eq_2+ 7m = —9-7618 V 


The reaction at the cathode is more complicated, in part because more than one reaction occurs. The 
series of reactions that occurs at the cathode is approximately 
Equation: 


2MnO2(s) + 2NH4Cl(aqg) + 2e —> Mn20O3(s) + 2NH3(aq) + H2,O(l) + 2Cl- 


The overall reaction for the zinc—carbon battery can be represented as 

2MnO2(s) + 2NH,4Cl(aq) + Zn(s) —> Zn?*(aq) + Mn2O3(s) + 2NH3(aq) + H2O(l) + 2Cl- 
with an overall cell potential which is initially about 1.5 V, but decreases as the battery is used. It is 
important to remember that the voltage delivered by a battery is the same regardless of the size of a 
battery. For this reason, D, C, A, AA, and AAA batteries all have the same voltage rating. However, 
larger batteries can deliver more moles of electrons. As the zinc container oxidizes, its contents 
eventually leak out, so this type of battery should not be left in any electrical device for extended 
periods. 
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The diagram shows a cross section of a flashlight 
battery, a zinc-carbon dry cell. 


Note: 


openstax 
Eas 
as 


Visit this site to learn more about zinc-carbon batteries. 


Alkaline batteries ([link]) were developed in the 1950s partly to address some of the performance 
issues with zinc—carbon dry cells. They are manufactured to be exact replacements for zinc-carbon dry 
cells. As their name suggests, these types of batteries use alkaline electrolytes, often potassium 
hydroxide. The reactions are 


Equation: 

anode: Zn(s) +2OH (aq) —> ZnO(s) + H2O(l) + 2e7 Eanode = —1.28 V 
cathode: 2MnO2(s) + H2,O(l) + 2e°5 —+ Mn2O3(s) + 20H (aq) FE cathode = +0.15 V 
overall: Zn(s) + 2MnOo(s) —> ZnO(s) + Mn203(s) Ey = +1.43 V 


An alkaline battery can deliver about three to five times the energy of a zinc-carbon dry cell of similar 
size. Alkaline batteries are prone to leaking potassium hydroxide, so these should also be removed 
from devices for long-term storage. While some alkaline batteries are rechargeable, most are not. 
Attempts to recharge an alkaline battery that is not rechargeable often leads to rupture of the battery 
and leakage of the potassium hydroxide electrolyte. 
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Alkaline batteries were designed as direct replacements for zinc-carbon 


(dry cell) batteries. 
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Visit this site to learn more about alkaline batteries. 


Secondary Batteries 


Secondary batteries are rechargeable. These are the types of batteries found in devices such as 
smartphones, electronic tablets, and automobiles. 


Nickel-cadmium, or NiCd, batteries ({link]) consist of a nickel-plated cathode, cadmium-plated 
anode, and a potassium hydroxide electrode. The positive and negative plates, which are prevented 
from shorting by the separator, are rolled together and put into the case. This is a “jelly-roll” design 
and allows the NiCd cell to deliver much more current than a similar-sized alkaline battery. The 
reactions are 

Equation: 


anode: Cd(s) + 20H (ag) —> Cd(OH),(s) + 2e7 
cathode: NiO2(s) + 2H2,O(1) + 2e° —>+ Ni(OH),(s) + 20H (aq) 
overall: Cd(s) + NiOo(s) + 2H2,O(l) —+ Cd(OH),(s) + Ni(OH),(s) 


The voltage is about 1.2 V to 1.25 V as the battery discharges. When properly treated, a NiCd battery 
can be recharged about 1000 times. Cadmium is a toxic heavy metal so NiCd batteries should never be 
opened or put into the regular trash. 
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NiCd batteries use a “jelly-roll” design that significantly increases the amount of current the 
battery can deliver as compared to a similar-sized alkaline battery. 
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Visit this site for more information about nickel cadmium rechargeable batteries. 


Lithium ion batteries ([{link]) are among the most popular rechargeable batteries and are used in many 
portable electronic devices. The reactions are 
Equation: 


anode: LiCoO, = Li,_,CoO.+2Lit +2e7 
cathode: x Lit + re +2Cg = x LiC, 
overall: LiCoO, +2Cg = Liy_,CoO2 + x LiC, 


With the coefficients representing moles, x is no more than about 0.5 moles. The battery voltage is 
about 3.7 V. Lithium batteries are popular because they can provide a large amount current, are lighter 
than comparable batteries of other types, produce a nearly constant voltage as they discharge, and only 
slowly lose their charge when stored. 
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In a lithium ion battery, charge flows between the electrodes as the lithium ions move between the 
anode and cathode. 


Note: 
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Visit this site for more information about lithium ion batteries. 


The lead acid battery ((link]) is the type of secondary battery used in your automobile. It is 
inexpensive and capable of producing the high current required by automobile starter motors. The 
reactions for a lead acid battery are 

Equation: 


anode: Pb(s) + HSO,4~ (aq) —> PbSO,(s) + H* (aq) + 2e7— 
cathode: PbO2(s) + HSO,4~ (aq) + 3H* (aq) + 2e° —+ PbSOxq(s) + 2H2O(I) 
overall: Pb(s) + PbO2(s) + 2H2SO4(ag) —> 2PbSO,4(s) + 2H2O(I) 


Each cell produces 2 V, so six cells are connected in series to produce a 12-V car battery. Lead acid 
batteries are heavy and contain a caustic liquid electrolyte, but are often still the battery of choice 
because of their high current density. Since these batteries contain a significant amount of lead, they 
must always be disposed of properly. 
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The lead acid battery in your automobile consists of six cells connected in series to give 12 V. 
Their low cost and high current output makes these excellent candidates for providing power for 
automobile starter motors. 


Note: 
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Visit this site for more information about lead acid batteries. 


Fuel Cells 


A fuel cell is a device that converts chemical energy into electrical energy. Fuel cells are similar to 
batteries but require a continuous source of fuel, often hydrogen. They will continue to produce 
electricity as long as fuel is available. Hydrogen fuel cells have been used to supply power for 
satellites, space capsules, automobiles, boats, and submarines ([link]). 
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In this hydrogen fuel-cell schematic, oxygen from the air reacts with hydrogen, producing water 
and electricity. 


In a hydrogen fuel cell, the reactions are 
Equation: 


anode: 2H» +207, —> 2H,O + 4e~ 
cathode: O02 +4e —> 207- 
overall: 2H» + O02 —> 2H2O 


The voltage is about 0.9 V. The efficiency of fuel cells is typically about 40% to 60%, which is higher 
than the typical internal combustion engine (25% to 35%) and, in the case of the hydrogen fuel cell, 
produces only water as exhaust. Currently, fuel cells are rather expensive and contain features that 
cause them to fail after a relatively short time. 


Note: 
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Check out this link to learn more about fuel cells. 


Key Concepts and Summary 


Batteries are galvanic cells, or a series of cells, that produce an electric current. When cells are 
combined into batteries, the potential of the battery is an integer multiple of the potential of a single 
cell. There are two basic types of batteries: primary and secondary. Primary batteries are “single use” 
and cannot be recharged. Dry cells and (most) alkaline batteries are examples of primary batteries. The 
second type is rechargeable and is called a secondary battery. Examples of secondary batteries include 
nickel-cadmium (NiCd), lead acid, and lithium ion batteries. Fuel cells are similar to batteries in that 
they generate an electrical current, but require continuous addition of fuel and oxidizer. The hydrogen 
fuel cell uses hydrogen and oxygen from the air to produce water, and is generally more efficient than 
internal combustion engines. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: What are the desirable qualities of an electric battery? 


Exercise: 


Problem: 
List some things that are typically considered when selecting a battery for a new application. 
Solution: 


Considerations include: cost of the materials used in the battery, toxicity of the various 
components (what constitutes proper disposal), should it be a primary or secondary battery, 
energy requirements (the “size” of the battery/how long should it last), will a particular battery 
leak when the new device is used according to directions, and its mass (the total mass of the new 
device). 


Exercise: 
Problem: 


Consider a battery made from one half-cell that consists of a copper electrode in 1 M CuSO, 
solution and another half-cell that consists of a lead electrode in 1 M Pb(NO3)> solution. 


(a) What are the reactions at the anode, cathode, and the overall reaction? 
(b) What is the standard cell potential for the battery? 


(c) Most devices designed to use dry-cell batteries can operate between 1.0 and 1.5 V. Could this 
cell be used to make a battery that could replace a dry-cell battery? Why or why not. 


(d) Suppose sulfuric acid is added to the half-cell with the lead electrode and some PbSO,(s) 
forms. Would the cell potential increase, decrease, or remain the same? 
Exercise: 


Problem: 
Consider a battery with the overall reaction: Cu(s) + 2Ag*(aq) —> 2Ag(s) + Cu?* (aq). 
(a) What is the reaction at the anode and cathode? 


(b) A battery is “dead” when it has no cell potential. What is the value of Q when this battery is 
dead? 


al = 


(c) If a particular dead battery was found to have [Cu 0.11 M, what was the concentration of 


silver ion? 


Solution: 
(a) anode: Cu(s) —> Cu?* (aq) + 2e7 | ee 0.34 V - (b) 3.5 x 
cathode: 2 x (Ag* (aq) +e — Ag(s)) Evathode = 90-7996 V 


10"; (c) 5.6 x 10°M 


Exercise: 


Problem: 


An inventor proposes using a SHE (standard hydrogen electrode) in a new battery for 
smartphones that also removes toxic carbon monoxide from the air: 


Anode: CO(g) + H20(l) —+ CO2(g) + 2H‘ (aq) + 2e7 Evroce = —0.53 V 
Cathode: 2H* (aq) + 2e° —> Ho(g) E giieae = 0 
Overall: CO(g) + Hy0(l) —> COo(g) + Ha(g) Eyey = $0.53 V 


Would this make a good battery for smartphones? Why or why not? 


Exercise: 


Problem: Why do batteries go dead, but fuel cells do not? 
Solution: 


Batteries are self-contained and have a limited supply of reagents to expend before going dead. 
Alternatively, battery reaction byproducts accumulate and interfere with the reaction. Because a 
fuel cell is constantly resupplied with reactants and products are expelled, it can continue to 
function as long as reagents are supplied. 


Exercise: 


Problem: 


Explain what happens to battery voltage as a battery is used, in terms of the Nernst equation. 
Exercise: 
Problem: 


Using the information thus far in this chapter, explain why battery-powered electronics perform 
poorly in low temperatures. 


Solution: 


Eel, aS described in the Nernst equation, has a term that is directly proportional to temperature. 
At low temperatures, this term is decreased, resulting in a lower cell voltage provided by the 
battery to the device—the same effect as a battery running dead. 


Glossary 


alkaline battery 
primary battery that uses an alkaline (often potassium hydroxide) electrolyte; designed to be an 
exact replacement for the dry cell, but with more energy storage and less electrolyte leakage than 
typical dry cell 


battery 
galvanic cell or series of cells that produces a current; in theory, any galvanic cell 


dry cell 
primary battery, also called a zinc-carbon battery; can be used in any orientation because it uses a 
paste as the electrolyte; tends to leak electrolyte when stored 


fuel cell 
devices that produce an electrical current as long as fuel and oxidizer are continuously added; 
more efficient than internal combustion engines 


lead acid battery 
secondary battery that consists of multiple cells; the lead acid battery found in automobiles has 
six cells and a voltage of 12 V 


lithium ion battery 
very popular secondary battery; uses lithium ions to conduct current and is light, rechargeable, 
and produces a nearly constant potential as it discharges 


nickel-cadmium battery 
(NiCd battery) secondary battery that uses cadmium, which is a toxic heavy metal; heavier than 
lithium ion batteries, but with similar performance characteristics 


primary battery 
single-use nonrechargeable battery 


secondary battery 
battery that can be recharged 


Corrosion 
By the end of this section, you will be able to: 


¢ Define corrosion 
e List some of the methods used to prevent or slow corrosion 


Corrosion is usually defined as the degradation of metals due to an electrochemical process. 
The formation of rust on iron, tarnish on silver, and the blue-green patina that develops on 
copper are all examples of corrosion. The total cost of corrosion in the United States is 
significant, with estimates in excess of half a trillion dollars a year. 


Note: 

Statue of Liberty: Changing Colors 

The Statue of Liberty is a landmark every American recognizes. The Statue of Liberty is easily 
identified by its height, stance, and unique blue-green color ({link]). When this statue was first 
delivered from France, its appearance was not green. It was brown, the color of its copper 
“skin.” So how did the Statue of Liberty change colors? The change in appearance was a direct 
result of corrosion. The copper that is the primary component of the statue slowly underwent 
oxidation from the air. The oxidation-reduction reactions of copper metal in the environment 
occur in several steps. Copper metal is oxidized to copper(I) oxide (CuO), which is red, and 
then to copper(II) oxide, which is black 

Equation: 


2Cu(s) + 5-02(6) CuO) Gai 
Equation: 
Cu20O(s) + 5 02(9) —> 2Cu0(s) (black) 


Coal, which was often high in sulfur, was burned extensively in the early part of the last 
century. As a result, sulfur trioxide, carbon dioxide, and water all reacted with the CuO 
Equation: 


2CuO(s) + CO2(g) + H,0(l) —> CuzCO;(OH),(s) (green) 
Equation: 

3CuO(s) + 2CO2(g) + H20(1) —+ Cu2(CO,),(OH),(s) (blue) 
Equation: 

4CuO(s) + $03(g) + 3H20(1) —> CusSOx(OH),(s) (green) 


These three compounds are responsible for the characteristic blue-green patina seen today. 
Fortunately, formation of the patina created a protective layer on the surface, preventing 


further corrosion of the copper skin. The formation of the protective layer is a form of 
passivation, which is discussed further in a later chapter. 
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(a) (b) 


(a) The Statue of Liberty is covered with a copper skin, and was originally brown, as 
shown in this painting. (b) Exposure to the elements has resulted in the formation of the 
blue-green patina seen today. 


Perhaps the most familiar example of corrosion is the formation of rust on iron. Iron will rust 
when it is exposed to oxygen and water. The main steps in the rusting of iron appear to involve 
the following ({link]). Once exposed to the atmosphere, iron rapidly oxidizes. 

Equation: 


anode: Fe(s) —> Fe?*(aq) + 2e7 Ep? pe = —0.44 V 


The electrons reduce oxygen in the air in acidic solutions. 
Equation: 


cathode: O2(g) + 4H‘ (aq) + 4e —> 2H2O(I) Eo, /o2 = +1.23 V 


Equation: 


overall: 2Fe(s) + O2(g) + 4H* (aq) —> 2Fe?* (aq) + 2H20(1) Eee = +1.67 V 


What we call rust is hydrated iron(II] oxide, which forms when iron(II) ions react further with 
oxygen. 
Equation: 


AFe”* (aq) + Oo(g) + (44 2x2) H2O(1) —> 2Fe203-2H2O(s) + 8H* (aq) 


The number of water molecules is variable, so it is represented by x. Unlike the patina on 
copper, the formation of rust does not create a protective layer and so corrosion of the iron 
continues as the rust flakes off and exposes fresh iron to the atmosphere. 
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Once the paint is scratched on a painted iron surface, corrosion occurs and rust begins to 
form. The speed of the spontaneous reaction is increased in the presence of electrolytes, 
such as the sodium chloride used on roads to melt ice and snow or in salt water. 


One way to keep iron from corroding is to keep it painted. The layer of paint prevents the water 
and oxygen necessary for rust formation from coming into contact with the iron. As long as the 
paint remains intact, the iron is protected from corrosion. 


Other strategies include alloying the iron with other metals. For example, stainless steel is 
mostly iron with a bit of chromium. The chromium tends to collect near the surface, where it 
forms an oxide layer that protects the iron. 


Zinc-plated or galvanized iron uses a different strategy. Zinc is more easily oxidized than iron 
because zinc has a lower reduction potential. Since zinc has a lower reduction potential, it is a 
more active metal. Thus, even if the zinc coating is scratched, the zinc will still oxidize before 
the iron. This suggests that this approach should work with other active metals. 


Another important way to protect metal is to make it the cathode in a galvanic cell. This is 
cathodic protection and can be used for metals other than just iron. For example, the rusting of 
underground iron storage tanks and pipes can be prevented or greatly reduced by connecting 
them to a more active metal such as zinc or magnesium ([link]). This is also used to protect the 
metal parts in water heaters. The more active metals (lower reduction potential) are called 
sacrificial anodes because as they get used up as they corrode (oxidize) at the anode. The 
metal being protected serves as the cathode, and so does not oxidize (corrode). When the 
anodes are properly monitored and periodically replaced, the useful lifetime of the iron storage 
tank can be greatly extended. 


One way to protect an underground iron storage 
tank is through cathodic protection. Using an active 
metal like zinc or magnesium for the anode 
effectively makes the storage tank the cathode, 
preventing it from corroding (oxidizing). 


Key Concepts and Summary 


Corrosion is the degradation of a metal caused by an electrochemical process. Large sums of 
money are spent each year repairing the effects of, or preventing, corrosion. Some metals, such 
as aluminum and copper, produce a protective layer when they corrode in air. The thin layer 
that forms on the surface of the metal prevents oxygen from coming into contact with more of 
the metal atoms and thus “protects” the remaining metal from further corrosion. Iron corrodes 
(forms rust) when exposed to water and oxygen. The rust that forms on iron metal flakes off, 
exposing fresh metal, which also corrodes. One way to prevent, or slow, corrosion is by coating 
the metal. Coating prevents water and oxygen from contacting the metal. Paint or other coatings 
will slow corrosion, but they are not effective once scratched. Zinc-plated or galvanized iron 
exploits the fact that zinc is more likely to oxidize than iron. As long as the coating remains, 
even if scratched, the zinc will oxidize before the iron. Another method for protecting metals is 


cathodic protection. In this method, an easily oxidized and inexpensive metal, often zinc or 
magnesium (the sacrificial anode), is electrically connected to the metal that must be protected. 
The more active metal is the sacrificial anode, and is the anode in a galvanic cell. The 
“protected” metal is the cathode, and remains unoxidized. One advantage of cathodic protection 
is that the sacrificial anode can be monitored and replaced if needed. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: Which member of each pair of metals is more likely to corrode (oxidize)? 
(a) Mg or Ca 

(b) Au or Hg 

(c) Fe or Zn 


(d) Ag or Pt 
Exercise: 
Problem: 
Consider the following metals: Ag, Au, Mg, Ni, and Zn. Which of these metals could be 


used as a sacrificial anode in the cathodic protection of an underground steel storage tank? 
Steel is mostly iron, so use —0.447 V as the standard reduction potential for steel. 


Solution: 


Mg and Zn 
Exercise: 


Problem: 


Aluminum (F'4)3+ /4; = —2.07 V) is more easily oxidized than iron 


(Expe3+/pe = —0.477 V ), and yet when both are exposed to the environment, untreated 


aluminum has very good corrosion resistance while the corrosion resistance of untreated 
iron is poor. Explain this observation. 


Exercise: 
Problem: 
If a sample of iron and a sample of zinc come into contact, the zinc corrodes but the iron 


does not. If a sample of iron comes into contact with a sample of copper, the iron corrodes 
but the copper does not. Explain this phenomenon. 


Solution: 


Both examples involve cathodic protection. The (sacrificial) anode is the metal that 
corrodes (oxidizes or reacts). In the case of iron (—0.447 V) and zinc (—0.7618 V), zinc has 
a more negative standard reduction potential and so serves as the anode. In the case of iron 
and copper (0.34 V), iron has the smaller standard reduction potential and so corrodes 
(serves as the anode). 


Exercise: 


Problem: 


Suppose you have three different metals, A, B, and C. When metals A and B come into 
contact, B corrodes and A does not corrode. When metals A and C come into contact, A 
corrodes and C does not corrode. Based on this information, which metal corrodes and 
which metal does not corrode when B and C come into contact? 


Exercise: 


Problem: 


Why would a sacrificial anode made of lithium metal be a bad choice despite its 


Ey ;+ Li = —3-04 V, which appears to be able to protect all the other metals listed in the 
standard reduction potential table? 


Solution: 


While the reduction potential of lithium would make it capable of protecting the other 
metals, this high potential is also indicative of how reactive lithium is; it would have a 
spontaneous reaction with most substances. This means that the lithium would react 
quickly with other substances, even those that would not oxidize the metal it is attempting 
to protect. Reactivity like this means the sacrificial anode would be depleted rapidly and 
need to be replaced frequently. (Optional additional reason: fire hazard in the presence of 
water.) 


Glossary 


cathodic protection 
method of protecting metal by using a sacrificial anode and effectively making the metal 
that needs protecting the cathode, thus preventing its oxidation 


corrosion 
degradation of metal through an electrochemical process 


galvanized iron 
method for protecting iron by covering it with zinc, which will oxidize before the iron; 
zinc-plated iron 


sacrificial anode 
more active, inexpensive metal used as the anode in cathodic protection; frequently made 
from magnesium or zinc 


Electrolysis 
By the end of this section, you will be able to: 


e Describe electrolytic cells and their relationship to galvanic cells 
¢ Perform various calculations related to electrolysis 


In galvanic cells, chemical energy is converted into electrical energy. The opposite is true for 
electrolytic cells. In electrolytic cells, electrical energy causes nonspontaneous reactions to occur 
in a process known as electrolysis. The charging electric car pictured in [link] at the beginning of 
this chapter shows one such process. Electrical energy is converted into the chemical energy in 
the battery as it is charged. Once charged, the battery can be used to power the automobile. 


The same principles are involved in electrolytic cells as in galvanic cells. We will look at three 
electrolytic cells and the quantitative aspects of electrolysis. 


The Electrolysis of Molten Sodium Chloride 


In molten sodium chloride, the ions are free to migrate to the electrodes of an electrolytic cell. A 
simplified diagram of the cell commercially used to produce sodium metal and chlorine gas is 
shown in [link]. Sodium is a strong reducing agent and chlorine is used to purify water, and is 
used in antiseptics and in paper production. The reactions are 


Equation: 
anode: 2Cl (1) —> Clo(g) + 2e7 Pee =+413V 
cathode: Na‘ (I) +e —> Na(I) Bis = =—2.7 V 
overall: 2Na*(!) +2C1-(!) —+ 2Na(l) + Clo(g) Eve = —4.0 V 


The power supply (battery) must supply a minimum of 4 V, but, in practice, the applied voltages 
are typically higher because of inefficiencies in the process itself. 


Anode 


2Cl —> Cl,(g) + 2e° Molten NaCl 2Na* + 2e —> 2Na(/) 


Passing an electric current through molten sodium chloride decomposes the material into 
sodium metal and chlorine gas. Care must be taken to keep the products separated to prevent 
the spontaneous formation of sodium chloride. 


The Electrolysis of Water 


It is possible to split water into hydrogen and oxygen gas by electrolysis. Acids are typically 
added to increase the concentration of hydrogen ion in solution ([link]). The reactions are 
Equation: 


anode: 2H,O0(1) —> O2(g) + 4H" (aq) + 4e7 E,node = +1.229 V 
cathode: 2H* (aq) +2e° —+ H2(g) EE xteae = OV 
overall: 2H,O0(1) —> 2H2(g) + O2(g) Eo, = —1.229 V 


Note that the sulfuric acid is not consumed and that the volume of hydrogen gas produced is 
twice the volume of oxygen gas produced. The minimum applied voltage is 1.229 V. 
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Water decomposes into oxygen and hydrogen gas during 
electrolysis. Sulfuric acid was added to increase the 
concentration of hydrogen ions and the total number of ions 
in solution, but does not take part in the reaction. The volume 
of hydrogen gas collected is twice the volume of oxygen gas 
collected, due to the stoichiometry of the reaction. 


The Electrolysis of Aqueous Sodium Chloride 


The electrolysis of aqueous sodium chloride is the more common example of electrolysis because 
more than one species can be oxidized and reduced. Considering the anode first, the possible 
reactions are 


Equation: 
(i) 2Cl (ag) —+ Cle(g) + 2e7 E.xnode = +1.35827 V 
(ii) 2H,O(1) —> Oo(g) + 4H" (aq) + 4e7 Encode = +1.229 V 


These values suggest that water should be oxidized at the anode because a smaller potential 
would be needed—using reaction (ii) for the oxidation would give a less-negative cell potential. 
When the experiment is run, it turns out chlorine, not oxygen, is produced at the anode. The 
unexpected process is so common in electrochemistry that it has been given the name 
overpotential. The overpotential is the difference between the theoretical cell voltage and the 
actual voltage that is necessary to cause electrolysis. It turns out that the overpotential for oxygen 
is rather high and effectively makes the reduction potential more positive. As a result, under 
normal conditions, chlorine gas is what actually forms at the anode. 


Now consider the cathode. Three reductions could occur: 


Equation: 
(iii) 2H (aq) 26 > Hy» (9) EE cathode =0V 
(iv) 2H,O(1) + 2e° —> H2(g) + 20H (aq) FE eathode = —0-8277 V 
(v) Na‘ (aq) +e —> Na(s) E-athode = —2:71 V 


Reaction (v) is ruled out because it has such a negative reduction potential. Under standard state 
conditions, reaction (iii) would be preferred to reaction (iv). However, the pH of a sodium 
chloride solution is 7, so the concentration of hydrogen ions is only 1x 10-7 M. At such low 
concentrations, reaction (iii) is unlikely and reaction (iv) occurs. The overall reaction is then 
Equation: 


overall: 2H2O(1) + 2Cl (ag) —> He(g) + Cle(g) + 20H (aq) Ey = —2.186 V 


As the reaction proceeds, hydroxide ions replace chloride ions in solution. Thus, sodium 
hydroxide can be obtained by evaporating the water after the electrolysis is complete. Sodium 
hydroxide is valuable in its own right and is used for things like oven cleaner, drain opener, and 
in the production of paper, fabrics, and soap. 


Note: 


Electroplating 

An important use for electrolytic cells is in electroplating. Electroplating results in a thin 
coating of one metal on top of a conducting surface. Reasons for electroplating include making 
the object more corrosion resistant, strengthening the surface, producing a more attractive finish, 
or for purifying metal. The metals commonly used in electroplating include cadmium, 
chromium, copper, gold, nickel, silver, and tin. Common consumer products include silver- 
plated or gold-plated tableware, chrome-plated automobile parts, and jewelry. We can get an 
idea of how this works by investigating how silver-plated tableware is produced ([link]). 


+} Voltage 
source 


— 
a Ag™ 
silver , " : Spoon 
(anode) | Ag (cathode) 
| 
—_ AgNO;(aq) 


The spoon, which is made of an inexpensive metal, is connected to the 
negative terminal of the voltage source and acts as the cathode. The anode 
is a silver electrode. Both electrodes are immersed in a silver nitrate 
solution. When a steady current is passed through the solution, the net result 
is that silver metal is removed from the anode and deposited on the cathode. 


In the figure, the anode consists of a silver electrode, shown on the left. The cathode is located 
on the right and is the spoon, which is made from inexpensive metal. Both electrodes are 
immersed in a solution of silver nitrate. As the potential is increased, current flows. Silver metal 
is lost at the anode as it goes into solution. 

Equation: 


anode: Ag(s) —> Ag’ (aq) +e 


The mass of the cathode increases as silver ions from the solution are deposited onto the spoon 


Equation: 
cathode: Ag’ (aq) +e —> Ag(s) 


The net result is the transfer of silver metal from the anode to the cathode. The quality of the 
object is usually determined by the thickness of the deposited silver and the rate of deposition. 


Quantitative Aspects of Electrolysis 


The amount of current that is allowed to flow in an electrolytic cell is related to the number of 
moles of electrons. The number of moles of electrons can be related to the reactants and products 
using stoichiometry. Recall that the SI unit for current (J) is the ampere (A), which is the 
equivalent of 1 coulomb per second (1 A = 1 £), The total charge (Q, in coulombs) is given by 
Equation: 


a ea hey | a a 


Where t is the time in seconds, n the number of moles of electrons, and F is the Faraday constant. 


Moles of electrons can be used in stoichiometry problems. The time required to deposit a 
specified amount of metal might also be requested, as in the second of the following examples. 


Example: 

Converting Current to Moles of Electrons 

In one process used for electroplating silver, a current of 10.23 A was passed through an 
electrolytic cell for exactly 1 hour. How many moles of electrons passed through the cell? What 
mass of silver was deposited at the cathode from the silver nitrate solution? 

Solution 

Faraday’s constant can be used to convert the charge (Q) into moles of electrons (n). The charge 
is the current (J) multiplied by the time 


Equation: 
10.23 C 60 min 60s 
=» x ihr x oes 
i Q = ether See = ___ 36,8300 — 0.3817 mol e~ 
F 96,485 C/mol e 96,485 C/mole- 


From the problem, the solution contains AgNO3, so the reaction at the cathode involves 1 mole 
of electrons for each mole of silver 
Equation: 


cathode: Ag* (aq) +e —> Ag(s) 


The atomic mass of silver is 107.9 g/mol, so 
Equation: 


1 mol Ag 107.9 g Ag 


mass Ag = 0.3817 mole x 
1 mol e~ 1 mol Ag 


= 41.19 g Ag 


Check your answer: From the stoichiometry, 1 mole of electrons would produce 1 mole of silver. 
Less than one-half a mole of electrons was involved and less than one-half a mole of silver was 
produced. 

Check Your Learning 

Aluminum metal can be made from aluminum ions by electrolysis. What is the half-reaction at 
the cathode? What mass of aluminum metal would be recovered if a current of 2.50 x 10° A 
passed through the solution for 15.0 minutes? Assume the yield is 100%. 


Note: 
Answer: 
Al**(aq) + 3e7> —> Al(s); 7.77 mol Al = 210.0 g Al. 


Example: 

Time Required for Deposition 

In one application, a 0.010-mm layer of chromium must be deposited on a part with a total 
surface area of 3.3 m? from a solution of containing chromium(III) ions. How long would it take 
to deposit the layer of chromium if the current was 33.46 A? The density of chromium (metal) is 
7.19 g/cm? 

Solution 

This problem brings in a number of topics covered earlier. An outline of what needs to be done 
is: 


e Ifthe total charge can be determined, the time required is just the charge divided by the 
current 

¢ The total charge can be obtained from the amount of Cr needed and the stoichiometry 

e The amount of Cr can be obtained using the density and the volume Cr required 

e The volume Cr required is the thickness times the area 


Solving in steps, and taking care with the units, the volume of Cr required is 
Equation: 


1 1 a 
volume = (0.010mm x ae Sea eog ani ee 33 cm? 
10 mm 1m? 


Cubic centimeters were used because they match the volume unit used for the density. The 
amount of Cr is then 
Equation: 


= vol x density = 33 x — = 250 oO 
mass = volume ensity cm g Cr 
Equation: 
1 mol C 
mol Cr = 237g Cr x pkey 4.56 mol Cr 
52.00 g Cr 


Since the solution contains chromium(III) ions, 3 moles of electrons are required per mole of Cr. 
The total charge is then 
Equation: 


le 4 
OA ROLE ea AE Enea 
1 mol Cr mol e~ 


The time required is then 
Equation: 


1.32 x 10° 
ee a ESTOS Ae eee ia eed DOs 
I 33.46 C/s 


Check your answer: In a long problem like this, a single check is probably not enough. Each of 
the steps gives a reasonable number, so things are probably correct. Pay careful attention to unit 
conversions and the stoichiometry. 

Check Your Learning 

What mass of zinc is required to galvanize the top of a 3.00 m x 5.50 m sheet of iron to a 
thickness of 0.100 mm of zinc? If the zinc comes from a solution of Zn(NO3) and the current is 
25.5 A, how long will it take to galvanize the top of the iron? The density of zinc is 7.140 g/cm?. 


Note: 
Answer: 
11.8 kg Zn requires 382 hours. 


Key Concepts and Summary 


Using electricity to force a nonspontaneous process to occur is electrolysis. Electrolytic cells are 
electrochemical cells with negative cell potentials (meaning a positive Gibbs free energy), and so 
are nonspontaneous. Electrolysis can occur in electrolytic cells by introducing a power supply, 
which supplies the energy to force the electrons to flow in the nonspontaneous direction. 
Electrolysis is done in solutions, which contain enough ions so current can flow. If the solution 
contains only one material, like the electrolysis of molten sodium chloride, it is a simple matter 


to determine what is oxidized and what is reduced. In more complicated systems, like the 
electrolysis of aqueous sodium chloride, more than one species can be oxidized or reduced and 
the standard reduction potentials are used to determine the most likely oxidation (the half- 
reaction with the largest [most positive] standard reduction potential) and reduction (the half- 
reaction with the smallest [least positive] standard reduction potential). Sometimes unexpected 
half-reactions occur because of overpotential. Overpotential is the difference between the 
theoretical half-reaction reduction potential and the actual voltage required. When present, the 
applied potential must be increased, making it possible for a different reaction to occur in the 
electrolytic cell. The total charge, Q, that passes through an electrolytic cell can be expressed as 
the current (J) multiplied by time (Q = It) or as the moles of electrons (n) multiplied by Faraday’s 
constant (Q = nF). These relationships can be used to determine things like the amount of 
material used or generated during electrolysis, how long the reaction must proceed, or what value 
of the current is required. 


Key Equations 


e Q=Ixt=nxF 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


Identify the reaction at the anode, reaction at the cathode, the overall reaction, and the 
approximate potential required for the electrolysis of the following molten salts. Assume 
standard states and that the standard reduction potentials in Appendix L are the same as 
those at each of the melting points. Assume the efficiency is 100%. 


(a) CaCly 
(b) LiH 
(c) AICl3 


(d) CrBr3 
Exercise: 
Problem: 
What mass of each product is produced in each of the electrolytic cells of the previous 
problem if a total charge of 3.33 x 10° C passes through each cell? Assume the voltage is 


sufficient to perform the reduction. 


Solution: 


mass Al = 31.0 ¢_ 


(a) mass Ca = 69.1 g. ;,) mass Li = 23.9 g_ 
mass Cly = 122 g’ 


mass Cly = 122 a mass H» = 3.48 g’ 
mass Cr = 59.8 g 


(c) (d) 
mass Bro = 276 g 
Exercise: 


Problem: 


How long would it take to reduce 1 mole of each of the following ions using the current 
indicated? Assume the voltage is sufficient to perform the reduction. 


(a) Al3*, 1.234 A 
(by Cae" 22.2 A 
(c) Cr*, 37.45 A 


(d) Au**, 3.57 A 
Exercise: 
Problem: 
A current of 2.345 A passes through the cell shown in [link] for 45 minutes. What is the 
volume of the hydrogen collected at room temperature if the pressure is exactly 1 atm? 


Assume the voltage is sufficient to perform the reduction. (Hint: Is hydrogen the only gas 
present above the water?) 


Solution: 


0.79 L 
Exercise: 
Problem: 
An irregularly shaped metal part made from a particular alloy was galvanized with zinc 
using a Zn(NO3)> solution. When a current of 2.599 A was used, it took exactly 1 hour to 


deposit a 0.01123-mm layer of zinc on the part. What was the total surface area of the part? 
The density of zinc is 7.140 g/cm?. Assume the efficiency is 100%. 


Glossary 


electrolysis 
process using electrical energy to cause a nonspontaneous process to occur 


electrolytic cell 
electrochemical cell in which electrolysis is used; electrochemical cell with negative cell 
potentials 


electroplating 
depositing a thin layer of one metal on top of a conducting surface 


overpotential 
difference between the theoretical potential and actual potential in an electrolytic cell; the 
“extra” voltage required to make some nonspontaneous electrochemical reaction to occur 


Development of Quantum Theory 
By the end of this section, you will be able to: 


e Extend the concept of wave—particle duality that was observed in 
electromagnetic radiation to matter as well 

e Understand the general idea of the quantum mechanical description of electrons 
in an atom, and that it uses the notion of three-dimensional wave functions, or 
orbitals, that define the distribution of probability to find an electron in a 
particular part of space 

e List and describe traits of the four quantum numbers that form the basis for 
completely specifying the state of an electron in an atom 


Bohr’s model explained the experimental data for the hydrogen atom and was widely 
accepted, but it also raised many questions. Why did electrons orbit at only fixed 
distances defined by a single quantum number n = 1, 2, 3, and so on, but never in 
between? Why did the model work so well describing hydrogen and one-electron 
ions, but could not correctly predict the emission spectrum for helium or any larger 
atoms? To answer these questions, scientists needed to completely revise the way 
they thought about matter. 


Behavior in the Microscopic World 


We know how matter behaves in the macroscopic world—objects that are large 
enough to be seen by the naked eye follow the rules of classical physics. A billiard 
ball moving on a table will behave like a particle: It will continue in a straight line 
unless it collides with another ball or the table cushion, or is acted on by some other 
force (such as friction). The ball has a well-defined position and velocity (or a well- 
defined momentum, p = mv, defined by mass m and velocity v) at any given moment. 
In other words, the ball is moving in a classical trajectory. This is the typical 
behavior of a classical object. 


When waves interact with each other, they show interference patterns that are not 
displayed by macroscopic particles such as the billiard ball. For example, interacting 
waves on the surface of water can produce interference patters similar to those 
shown on [link]. This is a case of wave behavior on the macroscopic scale, and it is 
clear that particles and waves are very different phenomena in the macroscopic 
realm. 


An interference pattern on the 
water surface is formed by 
interacting waves. The waves are 
caused by reflection of water from 
the rocks. (credit: modification of 
work by Sukanto Debnath) 


As technological improvements allowed scientists to probe the microscopic world in 
greater detail, it became increasingly clear by the 1920s that very small pieces of 
matter follow a different set of rules from those we observe for large objects. The 
unquestionable separation of waves and particles was no longer the case for the 
microscopic world. 


One of the first people to pay attention to the special behavior of the microscopic 
world was Louis de Broglie. He asked the question: If electromagnetic radiation can 
have particle-like character, can electrons and other submicroscopic particles exhibit 
wavelike character? In his 1925 doctoral dissertation, de Broglie extended the wave— 
particle duality of light that Einstein used to resolve the photoelectric-effect paradox 
to material particles. He predicted that a particle with mass m and velocity v (that is, 
with linear momentum p) should also exhibit the behavior of a wave with a 
wavelength value A, given by this expression in which h is the familiar Planck’s 
constant: 

Equation: 


This is called the de Broglie wavelength. Unlike the other values of A discussed in 
this chapter, the de Broglie wavelength is a characteristic of particles and other 
bodies, not electromagnetic radiation (note that this equation involves velocity [v, 
m/s], not frequency [v, Hz]. Although these two symbols appear nearly identical, 
they mean very different things). Where Bohr had postulated the electron as being a 
particle orbiting the nucleus in quantized orbits, de Broglie argued that Bohr’s 
assumption of quantization can be explained if the electron is considered not as a 
particle, but rather as a circular standing wave such that only an integer number of 
wavelengths could fit exactly within the orbit ((link]). 


If an electron is viewed as a wave circling around the nucleus, an integer 
number of wavelengths must fit into the orbit for this standing wave 
behavior to be possible. 


For a circular orbit of radius r, the circumference is 27r, and so de Broglie’s 
condition is: 
Equation: 


QRS = Ly Boas 


Since the de Broglie expression relates the wavelength to the momentum and, hence, 
velocity, this implies: 
Equation: 


This expression can be rearranged to give Bohr’s formula for the quantization of the 
angular momentum: 
Equation: 

nh 


a 
20 


= nh 


Classical angular momentum L for a circular motion is equal to the product of the 
radius of the circle and the momentum of the moving particle p. 
Equation: 


L =rp =rmv (for a circular motion) 


mxXv 


The diagram shows angular momentum for a circular motion. 


Shortly after de Broglie proposed the wave nature of matter, two scientists at Bell 
Laboratories, C. J. Davisson and L. H. Germer, demonstrated experimentally that 
electrons can exhibit wavelike behavior by showing an interference pattern for 
electrons travelling through a regular atomic pattern in a crystal. The regularly 
spaced atomic layers served as slits, as used in other interference experiments. Since 
the spacing between the layers serving as slits needs to be similar in size to the 
wavelength of the tested wave for an interference pattern to form, Davisson and 
Germer used a crystalline nickel target for their “slits,” since the spacing of the atoms 
within the lattice was approximately the same as the de Broglie wavelengths of the 
electrons that they used. [link] shows an interference pattern. It is strikingly similar 
to the interference patterns for light shown in [link]. The wave—particle duality of 
matter can be seen in [link] by observing what happens if electron collisions are 
recorded over a long period of time. Initially, when only a few electrons have been 
recorded, they show clear particle-like behavior, having arrived in small localized 
packets that appear to be random. As more and more electrons arrived and were 
recorded, a clear interference pattern that is the hallmark of wavelike behavior 
emerged. Thus, it appears that while electrons are small localized particles, their 
motion does not follow the equations of motion implied by classical mechanics, but 
instead it is governed by some type of a wave equation that governs a probability 
distribution even for a single electron’s motion. Thus the wave—particle duality first 
observed with photons is actually a fundamental behavior intrinsic to all quantum 
particles. 
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(a) The interference pattern for electrons passing through very closely spaced 
slits demonstrates that quantum particles such as electrons can exhibit wavelike 
behavior. (b) The experimental results illustrated here demonstrate the wave— 
particle duality in electrons. The electrons pass through very closely spaced 
slits, forming an interference pattern, with increasing numbers of electrons 
being recorded from the left image to the right. With only a few electrons 
recorded, it is clear that the electrons arrive as individual localized “particles,” 
but in a seemingly random pattern. As more electrons arrive, a wavelike 
interference pattern begins to emerge. Note that the probability of the final 
electron location is still governed by the wave-type distribution, even for a 
single electron, but it can be observed more easily if many electron collisions 
have been recorded. 


bY 


Note: 
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View the Dr. Quantum — Double Slit Experiment cartoon for an easy-to-understand 
description of wave—particle duality and the associated experiments. 


Example: 

Calculating the Wavelength of a Particle 

If an electron travels at a velocity of 1.000 x 10’ ms“! and has a mass of 9.109 x 
10-28 g, what is its wavelength? 

Solution 

We can use de Broglie’s equation to solve this problem, but we first must do a unit 
conversion of Planck’s constant. You learned earlier that 1 J = 1 kg m?/s*. Thus, we 
can write h = 6.626 x 10-4 Js as 6.626 x 10-°4 kg m/s. 

Equation: 


ie 
mv 
Equation: 


_ 6.626 x 10-*4 kg m?/s 
~~ (9.109 x 10-3! kg) (1.000 x 10” m/s) 


= 7.274 x 10-''m 


This is a small value, but it is significantly larger than the size of an electron in the 
classical (particle) view. This size is the same order of magnitude as the size of an 
atom. This means that electron wavelike behavior is going to be noticeable in an 
atom. 

Check Your Learning 

Calculate the wavelength of a softball with a mass of 100 g traveling at a velocity of 
35 m s-|, assuming that it can be modeled as a single particle. 


Note: 


Answer: 

Oe ine 

We never think of a thrown softball having a wavelength, since this wavelength is 
so small it is impossible for our senses or any known instrument to detect (strictly 
speaking, the wavelength of a real baseball would correspond to the wavelengths of 
its constituent atoms and molecules, which, while much larger than this value, 
would still be microscopically tiny). The de Broglie wavelength is only appreciable 
for matter that has a very small mass and/or a very high velocity. 


Werner Heisenberg considered the limits of how accurately we can measure 
properties of an electron or other microscopic particles. He determined that there is a 
fundamental limit to how accurately one can measure both a particle’s position and 
its momentum simultaneously. The more accurately we measure the momentum of a 
particle, the less accurately we can determine its position at that time, and vice versa. 
This is summed up in what we now call the Heisenberg uncertainty principle: It is 
fundamentally impossible to determine simultaneously and exactly both the 
momentum and the position of a particle. For a particle of mass m moving with 
velocity v, in the x direction (or equivalently with momentum p,), the product of the 
uncertainty in the position, Ax, and the uncertainty in the momentum, Ap, , must be 


greater than or equal to R (recall thath = #, the value of Planck’s constant 
divided by 27). 
Equation: 
h 
Az x Ap; = (Az) (mAv) > > 


This equation allows us to calculate the limit to how precisely we can know both the 
simultaneous position of an object and its momentum. For example, if we improve 
our measurement of an electron’s position so that the uncertainty in the position (Ax) 
has a value of, say, 1 pm (10-!* m, about 1% of the diameter of a hydrogen atom), 
then our determination of its momentum must have an uncertainty with a value of at 
least 

Equation: 


h (1.055 x 10°“ kg m?/s) 
Ap =mAv = ——— | = ———____*__* = 5 x 10-8 kg m/s. 
BS ONE) (2x 1x 10-2m) eu 


The value of h is not large, so the uncertainty in the position or momentum of a 
macroscopic object like a baseball is too insignificant to observe. However, the mass 
of a microscopic object such as an electron is small enough that the uncertainty can 
be large and significant. 


It should be noted that Heisenberg’s uncertainty principle is not just limited to 
uncertainties in position and momentum, but it also links other dynamical variables. 
For example, when an atom absorbs a photon and makes a transition from one energy 
state to another, the uncertainty in the energy and the uncertainty in the time required 
for the transition are similarly related, as AE At > 4. As will be discussed later, even 
the vector components of angular momentum cannot all be specified exactly 
simultaneously. 


Heisenberg’s principle imposes ultimate limits on what is knowable in science. The 
uncertainty principle can be shown to be a consequence of wave-—particle duality, 
which lies at the heart of what distinguishes modern quantum theory from classical 
mechanics. Recall that the equations of motion obtained from classical mechanics are 
trajectories where, at any given instant in time, both the position and the momentum 
of a particle can be determined exactly. Heisenberg’s uncertainty principle implies 
that such a view is untenable in the microscopic domain and that there are 
fundamental limitations governing the motion of quantum particles. This does not 
mean that microscopic particles do not move in trajectories, it is just that 
measurements of trajectories are limited in their precision. In the realm of quantum 
mechanics, measurements introduce changes into the system that is being observed. 


Note: 
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Read this article that describes a recent macroscopic demonstration of the 
uncertainty principle applied to microscopic objects. 


The Quantum—Mechanical Model of an Atom 


Shortly after de Broglie published his ideas that the electron in a hydrogen atom 
could be better thought of as being a circular standing wave instead of a particle 
moving in quantized circular orbits, as Bohr had argued, Erwin Schrédinger extended 
de Broglie’s work by incorporating the de Broglie relation into a wave equation, 
deriving what is today known as the Schrédinger equation. When Schrédinger 
applied his equation to hydrogen-like atoms, he was able to reproduce Bohr’s 
expression for the energy and, thus, the Rydberg formula governing hydrogen 
spectra, and he did so without having to invoke Bohr’s assumptions of stationary 
states and quantized orbits, angular momenta, and energies; quantization in 
Schrédinger’s theory was a natural consequence of the underlying mathematics of 
the wave equation. Like de Broglie, Schrédinger initially viewed the electron in 
hydrogen as being a physical wave instead of a particle, but where de Broglie 
thought of the electron in terms of circular stationary waves, Schrédinger properly 
thought in terms of three-dimensional stationary waves, or wavefunctions, 
represented by the Greek letter psi, w. A few years later, Max Born proposed an 
interpretation of the wavefunction w that is still accepted today: Electrons are still 
particles, and so the waves represented by w are not physical waves but, instead, are 
complex probability amplitudes. The square of the magnitude of a wavefunction || 
describes the probability of the quantum particle being present near a certain location 
in space. This means that wavefunctions can be used to determine the distribution of 
the electron’s density with respect to the nucleus in an atom. In the most general 
form, the Schrédinger equation can be written as: 

Equation: 


Hy = Ey 


Hi is the Hamiltonian operator, a set of mathematical operations representing the total 
energy of the quantum particle (such as an electron in an atom), w is the 
wavefunction of this particle that can be used to find the special distribution of the 
probability of finding the particle, and F is the actual value of the total energy of the 
particle. 


Schrédinger’s work, as well as that of Heisenberg and many other scientists 
following in their footsteps, is generally referred to as quantum mechanics. 


Note: 
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You may also have heard of Schrédinger because of his famous thought experiment. 
This story explains the concepts of superposition and entanglement as related to a 
cat in a box with poison. 


Understanding Quantum Theory of Electrons in Atoms 


The goal of this section is to understand the electron orbitals (location of electrons in 
atoms), their different energies, and other properties. The use of quantum theory 
provides the best understanding to these topics. This knowledge is a precursor to 
chemical bonding. 


As was described previously, electrons in atoms can exist only on discrete energy 
levels but not between them. It is said that the energy of an electron in an atom is 
quantized, that is, it can be equal only to certain specific values and can jump from 
one energy level to another but not transition smoothly or stay between these levels. 


The energy levels are labeled with an n value, where n = 1, 2, 3, .... Generally 
speaking, the energy of an electron in an atom is greater for greater values of n. This 
number, n, is referred to as the principal quantum number. The principal quantum 
number defines the location of the energy level. It is essentially the same concept as 
the n in the Bohr atom description. Another name for the principal quantum number 
is the shell number. The shells of an atom can be thought of concentric circles 
radiating out from the nucleus. The electrons that belong to a specific shell are most 
likely to be found within the corresponding circular area. The further we proceed 
from the nucleus, the higher the shell number, and so the higher the energy level 
({link]). The positively charged protons in the nucleus stabilize the electronic orbitals 
by electrostatic attraction between the positive charges of the protons and the 
negative charges of the electrons. So the further away the electron is from the 
nucleus, the greater the energy it has. 


Increasing 
energy 


Different shells are numbered by principal quantum numbers. 


This quantum mechanical model for where electrons reside in an atom can be used to 
look at electronic transitions, the events when an electron moves from one energy 
level to another. If the transition is to a higher energy level, energy is absorbed, and 
the energy change has a positive value. To obtain the amount of energy necessary for 
the transition to a higher energy level, a photon is absorbed by the atom. A transition 
to a lower energy level involves a release of energy, and the energy change is 
negative. This process is accompanied by emission of a photon by the atom. The 
following equation summarizes these relationships and is based on the hydrogen 
atom: 

Equation: 


AE = Efinay — Einitial 


= 2.18 x 10-8 ( 4, exch )s 
Ne 


The values ng; and n; are the final and initial energy states of the electron. [link] in the 
previous section of the chapter demonstrates calculations of such energy changes. 


The principal quantum number is one of three quantum numbers used to characterize 
an orbital. An atomic orbital, which is distinct from an orbit, is a general region in 
an atom within which an electron is most probable to reside. The quantum 
mechanical model specifies the probability of finding an electron in the three- 
dimensional space around the nucleus and is based on solutions of the Schrédinger 
equation. In addition, the principal quantum number defines the energy of an electron 
in a hydrogen or hydrogen-like atom or an ion (an atom or an ion with only one 
electron) and the general region in which discrete energy levels of electrons in a 
multi-electron atoms and ions are located. 


Another quantum number is /, the angular momentum quantum number. It is an 
integer that defines the shape of the orbital, and takes on the values, | = 0, 1, 2, ..., n 
— 1. This means that an orbital with n = 1 can have only one value of /, ! = 0, whereas 
n= 2 permits / = 0 and/ = 1, and so on. The principal quantum number defines the 
general size and energy of the orbital. The / value specifies the shape of the orbital. 
Orbitals with the same value of | form a subshell. In addition, the greater the angular 
momentum quantum number, the greater is the angular momentum of an electron at 
this orbital. 


Orbitals with / = 0 are called s orbitals (or the s subshells). The value / = 1 
corresponds to the p orbitals. For a given n, p orbitals constitute a p subshell (e.g., 
3p if n = 3). The orbitals with / = 2 are called the d orbitals, followed by the f-, g-, 
and h-orbitals for ] = 3, 4, 5, and there are higher values we will not consider. 


There are certain distances from the nucleus at which the probability density of 
finding an electron located at a particular orbital is zero. In other words, the value of 
the wavefunction w is zero at this distance for this orbital. Such a value of radius r is 
called a radial node. The number of radial nodes in an orbital is n— 1-1. 


The graphs show the probability (y axis) of finding an electron for the 1s, 2s, 3s 
orbitals as a function of distance from the nucleus. 


Consider the examples in [link]. The orbitals depicted are of the s type, thus | = 0 for 
all of them. It can be seen from the graphs of the probability densities that there are 1 
—0-1=0 places where the density is zero (nodes) for 1s (n = 1), 2-—0-—1=1 node 
for 2s, and 3 — 0 — 1 = 2 nodes for the 3s orbitals. 


The s subshell electron density distribution is spherical and the p subshell has a 
dumbbell shape. The d and f orbitals are more complex. These shapes represent the 
three-dimensional regions within which the electron is likely to be found. 
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Shapes of s, p, d, and f orbitals. 


Fy(ax2-y2) 


If an electron has an angular momentum (1 # 0), then this vector can point in different 
directions. In addition, the z component of the angular momentum can have more 
than one value. This means that if a magnetic field is applied in the z direction, 
orbitals with different values of the z component of the angular momentum will have 
different energies resulting from interacting with the field. The magnetic quantum 
number, called m), specifies the z component of the angular momentum for a 
particular orbital. For example, for an s orbital, ! = 0, and the only value of m, is zero. 
For p orbitals, | = 1, and m, can be equal to —1, 0, or +1. Generally speaking, m; can 
be equal to —/, -(1— 1), ..., -1, 0, +1, ..., (/— 1), 1. The total number of possible 
orbitals with the same value of | (a subshell) is 2/ + 1. Thus, there is one s-orbital for 
| = O, there are three p-orbitals for | = 1, five d-orbitals for | = 2, seven f-orbitals for | 
= 3, and so forth. The principal quantum number defines the general value of the 
electronic energy. The angular momentum quantum number determines the shape of 
the orbital. And the magnetic quantum number specifies orientation of the orbital in 
space, as can be seen in [link]. 


1s 


The chart shows the energies of electron orbitals in a multi-electron atom. 


[link] illustrates the energy levels for various orbitals. The number before the orbital 
name (such as 2s, 3p, and so forth) stands for the principal quantum number, n. The 
letter in the orbital name defines the subshell with a specific angular momentum 
quantum number ! = 0 for s orbitals, 1 for p orbitals, 2 for d orbitals. Finally, there 
are more than one possible orbitals for | > 1, each corresponding to a specific value 
of m). In the case of a hydrogen atom or a one-electron ion (such as He’, Li2*, and so 
on), energies of all the orbitals with the same n are the same. This is called a 
degeneracy, and the energy levels for the same principal quantum number, n, are 


called degenerate orbitals. However, in atoms with more than one electron, this 
degeneracy is eliminated by the electron—electron interactions, and orbitals that 
belong to different subshells have different energies, as shown on [link]. Orbitals 
within the same subshell (for example ns, np, nd, nf, such as 2p, 3s) are still 
degenerate and have the same energy. 


While the three quantum numbers discussed in the previous paragraphs work well for 
describing electron orbitals, some experiments showed that they were not sufficient 
to explain all observed results. It was demonstrated in the 1920s that when hydrogen- 
line spectra are examined at extremely high resolution, some lines are actually not 
single peaks but, rather, pairs of closely spaced lines. This is the so-called fine 
structure of the spectrum, and it implies that there are additional small differences in 
energies of electrons even when they are located in the same orbital. These 
observations led Samuel Goudsmit and George Uhlenbeck to propose that electrons 
have a fourth quantum number. They called this the spin quantum number, or m,. 


The other three quantum numbers, n, /, and m), are properties of specific atomic 
orbitals that also define in what part of the space an electron is most likely to be 
located. Orbitals are a result of solving the Schrédinger equation for electrons in 
atoms. The electron spin is a different kind of property. It is a completely quantum 
phenomenon with no analogues in the classical realm. In addition, it cannot be 
derived from solving the Schrédinger equation and is not related to the normal 
spatial coordinates (such as the Cartesian x, y, and z). Electron spin describes an 
intrinsic electron "rotation" or "spinning." Each electron acts as a tiny magnet or a 
tiny rotating object with an angular momentum, or as a loop with an electric current, 
even though this rotation or current cannot be observed in terms of spatial 
coordinates. 


The magnitude of the overall electron spin can only have one value, and an electron 
can only “spin” in one of two quantized states. One is termed the a state, with the z 
component of the spin being in the positive direction of the z axis. This corresponds 
to the spin quantum number m, = +. The other is called the B state, with the z 
component of the spin being negative and m, = — +: Any electron, regardless of the 
atomic orbital it is located in, can only have one of those two values of the spin 
quantum number. The energies of electrons having m, = s andm, = + are 


2 
different if an external magnetic field is applied. 


S N 
Spin +5, Spin 5, 
spin-up spin-down 


Electrons with spin values +4 in an external magnetic field. 


[link] illustrates this phenomenon. An electron acts like a tiny magnet. Its moment is 
directed up (in the positive direction of the z axis) for the 5 spin quantum number 
and down (in the negative z direction) for the spin quantum number of — oT A 
magnet has a lower energy if its magnetic moment is aligned with the external 
magnetic field (the left electron on [link]) and a higher energy for the magnetic 
moment being opposite to the applied field. This is why an electron with m, = > 
has a slightly lower energy in an external field in the positive z direction, and an 
electron with m, = = has a slightly higher energy in the same field. This is true 
even for an electron occupying the same orbital in an atom. A spectral line 
corresponding to a transition for electrons from the same orbital but with different 
spin quantum numbers has two possible values of energy; thus, the line in the 
spectrum will show a fine structure splitting. 


The Pauli Exclusion Principle 


An electron in an atom is completely described by four quantum numbers: n, /, m), 
and m,. The first three quantum numbers define the orbital and the fourth quantum 
number describes the intrinsic electron property called spin. An Austrian physicist 


Wolfgang Pauli formulated a general principle that gives the last piece of information 
that we need to understand the general behavior of electrons in atoms. The Pauli 
exclusion principle can be formulated as follows: No two electrons in the same 
atom can have exactly the same set of all the four quantum numbers. What this 
means is that electrons can share the same orbital (the same set of the quantum 
numbers n, |, and m)), but only if their spin quantum numbers m, have different 


values. Since the spin quantum number can only have two values (= 5 e no more 


than two electrons can occupy the same orbital (and if two electrons are located in 
the same orbital, they must have opposite spins). Therefore, any atomic orbital can 
be populated by only zero, one, or two electrons. 


The properties and meaning of the quantum numbers of electrons in atoms are briefly 
summarized in [link]. 


Quantum Numbers, Their Properties, and Significance 


Allowed 
Name Symbol values Physical meaning 
shell, the general region 
principal quantum j 1,2, 3, for the value of energy 
number 4, .... for an electron on the 
orbital 
ene eeaeane O<l<n subshell, the shape of 
or azimuthal quantum l 4 ectal 
number 
eee m| Pa orientation of the orbital 
number <1 


direction of the intrinsic 
spin quantum number Ms s ; —s quantum “spinning” of 
the electron 


Example: 

Working with Shells and Subshells 

Indicate the number of subshells, the number of orbitals in each subshell, and the 
values of | and m, for the orbitals in the n = 4 shell of an atom. 

Solution 

For n = 4, | can have values of 0, 1, 2, and 3. Thus, s, p, d, and f subshells are found 
in the n = 4 shell of an atom. For / = 0 (the s subshell), m; can only be 0. Thus, there 
is only one 4s orbital. For | = 1 (p-type orbitals), m can have values of —1, 0, +1, so 
we find three 4p orbitals. For | = 2 (d-type orbitals), m; can have values of —2, —1, 0, 
+1, +2, so we have five 4d orbitals. When | = 3 (f-type orbitals), m; can have values 
of —3, —2, -1, 0, +1, +2, +3, and we can have seven 4f orbitals. Thus, we find a total 
of 16 orbitals in the n = 4 shell of an atom. 

Check Your Learning 

Identify the subshell in which electrons with the following quantum numbers are 
found: (a) n = 3, 1 = 1; (b) n=5, 1 = 3; (c)n =2,1=0. 


Note: 
Answer: 


(a) 3p (b) 5f(c) 2s 


Example: 

Maximum Number of Electrons 

Calculate the maximum number of electrons that can occupy a shell with (a) n = 2, 
(b) n= 5, and (c) nas a variable. Note you are only looking at the orbitals with the 
specified n value, not those at lower energies. 

Solution 

(a) When n = 2, there are four orbitals (a single 2s orbital, and three orbitals labeled 
2p). These four orbitals can contain eight electrons. 

(b) When n = 5, there are five subshells of orbitals that we need to sum: 

Equation: 


1 orbital labeled 5s 
3 orbitals labeled 5p 
5 orbitals labeled 5d 
7 orbitals labeled 5f 
+9 orbitals labeled 5g 
25 orbitals total 
Again, each orbital holds two electrons, so 50 electrons can fit in this shell. 
(c) The number of orbitals in any shell n will equal n? There can be up to two 
electrons in each orbital, so the maximum number of electrons will be 2 x n? 
Check Your Learning 


If a shell contains a maximum of 32 electrons, what is the principal quantum 
number, n? 


Example: 
Working with Quantum Numbers 
Complete the following table for atomic orbitals: 


Orbital n | m, degeneracy Radial nodes (no.) 


Af 


Orbital n | m, degeneracy Radial nodes (no.) 


5d 


Solution 
The table can be completed using the following rules: 


e The orbital designation is nl, where | = 0, 1, 2, 3, 4, 5, ... is mapped to the letter 
sequence s, p, d, f, g, h, ..., 

e The m; degeneracy is the number of orbitals within an / subshell, and so is 21 + 
1 (there is one s orbital, three p orbitals, five d orbitals, seven f orbitals, and so 
forth). 

¢ The number of radial nodes is equal to n—/—1. 


Orbital n | m, degeneracy Radial nodes (no.) 
Af 4 3 7 0 
Ap 4 1 3 2 
7f 7 3 7 3 
5d 5 2 5 Zz 
Check Your Learning 


How many orbitals have / = 2 and n = 3? 


Note: 
Answer: 
The five degenerate 3d orbitals 


Key Concepts and Summary 


Macroscopic objects act as particles. Microscopic objects (such as electrons) have 
properties of both a particle and a wave. Their exact trajectories cannot be 
determined. The quantum mechanical model of atoms describes the three- 
dimensional position of the electron in a probabilistic manner according to a 
mathematical function called a wavefunction, often denoted as w. Atomic 
wavefunctions are also called orbitals. The squared magnitude of the wavefunction 
describes the distribution of the probability of finding the electron in a particular 
region in space. Therefore, atomic orbitals describe the areas in an atom where 
electrons are most likely to be found. 


An atomic orbital is characterized by three quantum numbers. The principal quantum 
number, n, can be any positive integer. The general region for value of energy of the 
orbital and the average distance of an electron from the nucleus are related to n. 
Orbitals having the same value of n are said to be in the same shell. The angular 
momentum quantum number, /, can have any integer value from 0 to n— 1. This 
quantum number describes the shape or type of the orbital. Orbitals with the same 
principal quantum number and the same ! value belong to the same subshell. The 
magnetic quantum number, m), with 2] + 1 values ranging from —/ to +1, describes the 
orientation of the orbital in space. In addition, each electron has a spin quantum 
number, m,, that can be equal to + +. No two electrons in the same atom can have 
the same set of values for all the four quantum numbers. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


How are the Bohr model and the quantum mechanical model of the hydrogen 
atom similar? How are they different? 


Solution: 


Both models have a central positively charged nucleus with electrons moving 
about the nucleus in accordance with the Coulomb electrostatic potential. The 


Bohr model assumes that the electrons move in circular orbits that have 
quantized energies, angular momentum, and radii that are specified by a single 
quantum number, n = 1, 2, 3, ..., but this quantization is an ad hoc assumption 
made by Bohr to incorporate quantization into an essentially classical 
mechanics description of the atom. Bohr also assumed that electrons orbiting 
the nucleus normally do not emit or absorb electromagnetic radiation, but do so 
when the electron switches to a different orbit. In the quantum mechanical 
model, the electrons do not move in precise orbits (such orbits violate the 
Heisenberg uncertainty principle) and, instead, a probabilistic interpretation of 
the electron’s position at any given instant is used, with a mathematical function 
W called a wavefunction that can be used to determine the electron’s spatial 
probability distribution. These wavefunctions, or orbitals, are three-dimensional 
stationary waves that can be specified by three quantum numbers that arise 
naturally from their underlying mathematics (no ad hoc assumptions required): 
the principal quantum number, n (the same one used by Bohr), which specifies 
shells such that orbitals having the same n all have the same energy and 
approximately the same spatial extent; the angular momentum quantum number 
I, which is a measure of the orbital’s angular momentum and corresponds to the 
orbitals’ general shapes, as well as specifying subshells such that orbitals having 
the same /| (and n) all have the same energy; and the orientation quantum 
number m, which is a measure of the z component of the angular momentum 
and corresponds to the orientations of the orbitals. The Bohr model gives the 
same expression for the energy as the quantum mechanical expression and, 
hence, both properly account for hydrogen’s discrete spectrum (an example of 
getting the right answers for the wrong reasons, something that many chemistry 
students can sympathize with), but gives the wrong expression for the angular 
momentum (Bohr orbits necessarily all have non-zero angular momentum, but 
some quantum orbitals [s orbitals] can have zero angular momentum). 


Exercise: 
Problem: 
What are the allowed values for each of the four quantum numbers: n, /, mj, and 
ms? 
Exercise: 
Problem: 


Describe the properties of an electron associated with each of the following four 
quantum numbers: n, |, m), and m,. 


Solution: 


n determines the general range for the value of energy and the probable 
distances that the electron can be from the nucleus. | determines the shape of the 
orbital. m, determines the orientation of the orbitals of the same / value with 
respect to one another. m, determines the spin of an electron. 


Exercise: 


Problem: Answer the following questions: 


(a) Without using quantum numbers, describe the differences between the 
shells, subshells, and orbitals of an atom. 


(b) How do the quantum numbers of the shells, subshells, and orbitals of an 
atom differ? 

Exercise: 
Problem: 


Identify the subshell in which electrons with the following quantum numbers 
are found: 


(a)n=2,1=1 
(b)n=4,1=2 
(c)n=6,1=0 
Solution: 


(a) 2p; (b) 4d; (c) 6s 
Exercise: 
Problem: 
Which of the subshells described in the previous question contain degenerate 
orbitals? How many degenerate orbitals are in each? 
Exercise: 
Problem: 


Identify the subshell in which electrons with the following quantum numbers 
are found: 


(a)n=3,1=2 


(b)n=1,1=0 
(c)n=4,1=3 
Solution: 


(a) 3d; (b) 1s; (c) 4f 
Exercise: 
Problem: 
Which of the subshells described in the previous question contain degenerate 
orbitals? How many degenerate orbitals are in each? 
Exercise: 
Problem: 


Sketch the boundary surface of a dz2_,2 and a py orbital. Be sure to show and 
label the axes. 


Solution: 


dy2_y2 


Exercise: 


Problem: 


Sketch the p, and d,, orbitals. Be sure to show and label the coordinates. 


Exercise: 


Problem: Consider the orbitals shown here in outline. 


(x) (y) (Z) 


(a) What is the maximum number of electrons contained in an orbital of type 
(x)? Of type (y)? Of type (z)? 


(b) How many orbitals of type (x) are found in a shell with n = 2? How many of 
type (y)? How many of type (z)? 


(c) Write a set of quantum numbers for an electron in an orbital of type (x) ina 
shell with n = 4. Of an orbital of type (y) in a shell with n = 2. Of an orbital of 
type (z) in a shell with n = 3. 


(d) What is the smallest possible n value for an orbital of type (x)? Of type (y)? 
Of type (z)? 


(e) What are the possible / and m; values for an orbital of type (x)? Of type (y)? 
Of type (z)? 


Solution: 


(a) x. 2, y. 2, z. 2; (b) x. 1, y. 3, 2.0; (c)x. 400 $,y.210 $,2320 $;(d) 
x. 1, y. 2, z. 3; (e) x. 1 = 0, m, = 0, y. 1= 1, m, = -1, 0, or +1, z. 1 = 2, m) = -2, - 
1, 0, +1, +2 


Exercise: 
Problem: 
State the Heisenberg uncertainty principle. Describe briefly what the principle 
implies. 


Exercise: 


Problem: 


How many electrons could be held in the second shell of an atom if the spin 
quantum number m, could have three values instead of just two? (Hint: 
Consider the Pauli exclusion principle.) 


Solution: 


12 
Exercise: 
Problem: 
Which of the following equations describe particle-like behavior? Which 


describe wavelike behavior? Do any involve both types of behavior? Describe 
the reasons for your choices. 


(a) c=Av 
(b)E= 
(r= ™ 
(d) E = hv 
(A= 4 
Exercise: 
Problem: 


Write a set of quantum numbers for each of the electrons with an n of 4inaSe 
atom. 


Solution: 


& & & & 
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Glossary 


angular momentum quantum number (I) 
quantum number distinguishing the different shapes of orbitals; it is also a 
measure of the orbital angular momentum 


atomic orbital 
mathematical function that describes the behavior of an electron in an atom 
(also called the wavefunction), it can be used to find the probability of locating 
an electron in a specific region around the nucleus, as well as other dynamical 
variables 


d orbital 
region of space with high electron density that is either four lobed or contains a 
dumbbell and torus shape; describes orbitals with / = 2. An electron in this 
orbital is called a d electron 


degenerate orbitals 
orbitals that have the same energy 


electron density 
a measure of the probability of locating an electron in a particular region of 
space, it is equal to the squared absolute value of the wave function w 


f orbital 
multilobed region of space with high electron density, describes orbitals with | = 
3. An electron in this orbital is called an f electron 


Heisenberg uncertainty principle 
rule stating that it is impossible to exactly determine both certain conjugate 
dynamical properties such as the momentum and the position of a particle at the 
same time. The uncertainty principle is a consequence of quantum particles 
exhibiting wave—particle duality 


magnetic quantum number (m)) 
quantum number signifying the orientation of an atomic orbital around the 
nucleus; orbitals having different values of m; but the same subshell value of | 
have the same energy (are degenerate), but this degeneracy can be removed by 
application of an external magnetic field 


p orbital 
dumbbell-shaped region of space with high electron density, describes orbitals 
with / = 1. An electron in this orbital is called a p electron 


Pauli exclusion principle 
specifies that no two electrons in an atom can have the same value for all four 
quantum numbers 


principal quantum number (n) 
quantum number specifying the shell an electron occupies in an atom 


quantum mechanics 
field of study that includes quantization of energy, wave-particle duality, and the 
Heisenberg uncertainty principle to describe matter 


s orbital 
spherical region of space with high electron density, describes orbitals with | = 
0. An electron in this orbital is called an s electron 


shell 
set of orbitals with the same principal quantum number, n 


spin quantum number (m,) 
1 


number specifying the electron spin direction, either + y Oras 


subshell 
set of orbitals in an atom with the same values of n and !| 


wavefunction (W) 
mathematical description of an atomic orbital that describes the shape of the 
orbital; it can be used to calculate the probability of finding the electron at any 
given location in the orbital, as well as dynamical variables such as the energy 
and the angular momentum 


Electronic Structure of Atoms (Electron Configurations) 
By the end of this section, you will be able to: 


e Derive the predicted ground-state electron configurations of atoms 

e Identify and explain exceptions to predicted electron configurations for 
atoms and ions 

e Relate electron configurations to element classifications in the periodic 
table 


Having introduced the basics of atomic structure and quantum mechanics, 
we Can use our understanding of quantum numbers to determine how 
atomic orbitals relate to one another. This allows us to determine which 
orbitals are occupied by electrons in each atom. The specific arrangement 
of electrons in orbitals of an atom determines many of the chemical 
properties of that atom. 


Orbital Energies and Atomic Structure 


The energy of atomic orbitals increases as the principal quantum number, n, 
increases. In any atom with two or more electrons, the repulsion between 
the electrons makes energies of subshells with different values of | differ so 
that the energy of the orbitals increases within a shell in the order s < p < d 
< f. [link] depicts how these two trends in increasing energy relate. The 1s 
orbital at the bottom of the diagram is the orbital with electrons of lowest 
energy. The energy increases as we move up to the 2s and then 2p, 3s, and 
3p orbitals, showing that the increasing n value has more influence on 
energy than the increasing / value for small atoms. However, this pattern 
does not hold for larger atoms. The 3d orbital is higher in energy than the 4s 
orbital. Such overlaps continue to occur frequently as we move up the chart. 


Subshell electron capacity 
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Generalized energy-level diagram for atomic orbitals in an atom with 
two or more electrons (not to scale). 


Electrons in successive atoms on the periodic table tend to fill low-energy 
orbitals first. Thus, many students find it confusing that, for example, the 5p 
orbitals fill immediately after the 4d, and immediately before the 6s. The 
filling order is based on observed experimental results, and has been 
confirmed by theoretical calculations. As the principal quantum number, n, 
increases, the size of the orbital increases and the electrons spend more time 
farther from the nucleus. Thus, the attraction to the nucleus is weaker and 
the energy associated with the orbital is higher (less stabilized). But this is 
not the only effect we have to take into account. Within each shell, as the 
value of | increases, the electrons are less penetrating (meaning there is less 
electron density found close to the nucleus), in the order s > p > d > f. 
Electrons that are closer to the nucleus slightly repel electrons that are 
farther out, offsetting the more dominant electron—nucleus attractions 
slightly (recall that all electrons have —1 charges, but nuclei have +Z 
charges). This phenomenon is called shielding and will be discussed in 
more detail in the next section. Electrons in orbitals that experience more 
shielding are less stabilized and thus higher in energy. For small orbitals (1s 


through 3p), the increase in energy due to n is more significant than the 
increase due to 1; however, for larger orbitals the two trends are comparable 
and cannot be simply predicted. We will discuss methods for remembering 
the observed order. 


The arrangement of electrons in the orbitals of an atom is called the 
electron configuration of the atom. We describe an electron configuration 
with a symbol that contains three pieces of information ({link]): 


1. The number of the principal quantum shell, n, 

2. The letter that designates the orbital type (the subshell, /), and 

3. A superscript number that designates the number of electrons in that 
particular subshell. 


For example, the notation 2p* (read "two—p—four") indicates four electrons 
in a p subshell (/ = 1) with a principal quantum number (n) of 2. The 
notation 3d° (read "three—d—eight") indicates eight electrons in the d 
subshell (i.e., / = 2) of the principal shell for which n = 3. 


_ Number of electrons in subshell 
H re 


\ / “—~ subshell 


The diagram of an electron configuration specifies the subshell (n and 
I value, with letter symbol) and superscript number of electrons. 


The Aufbau Principle 


To determine the electron configuration for any particular atom, we can 
“build” the structures in the order of atomic numbers. Beginning with 
hydrogen, and continuing across the periods of the periodic table, we add 


one proton at a time to the nucleus and one electron to the proper subshell 
until we have described the electron configurations of all the elements. This 
procedure is called the Aufbau principle, from the German word Aufbau 
(“to build up”). Each added electron occupies the subshell of lowest energy 
available (in the order shown in [link]), subject to the limitations imposed 
by the allowed quantum numbers according to the Pauli exclusion principle. 
Electrons enter higher-energy subshells only after lower-energy subshells 
have been filled to capacity. [link] illustrates the traditional way to 
remember the filling order for atomic orbitals. Since the arrangement of the 
periodic table is based on the electron configurations, [link] provides an 
alternative method for determining the electron configuration. The filling 
order simply begins at hydrogen and includes each subshell as you proceed 
in increasing Z order. For example, after filling the 3p block up to Ar, we 
see the orbital will be 4s (K, Ca), followed by the 3d orbitals. 


The arrow leads through each subshell in the appropriate filling order 
for electron configurations. This chart is straightforward to construct. 
Simply make a column for all the s orbitals with each n shell on a 
separate row. Repeat for p, d, and f. Be sure to only include orbitals 
allowed by the quantum numbers (no 1p or 2d, and so forth). Finally, 

draw diagonal lines from top to bottom as shown. 


3 
= Group Electron Configuration Table 
i 18 
H 1 He 1 
1 1s 1s 
2 13 14 15 16 17 
Li 1Be 2 B 10 2N 3/0 4 FF 5/\Ne 6 
2 2s ——_§ —__—. 2)) —_—__—__» 
Na 1Mg 2 Al 1si 2P 3/S 4Cl Siar 6 
3 
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3 4 5 6 ik 8 9 10 11 12 
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Cs 1Ba 2 2\Ta 3W 4)/Re 5Os Gir 7 Pt 8 Au 9 Hg 10 Tl 1\Pb 2, Bi 3.Po 4/At 5 Rn 6 
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Fr 1Ra 2 2\Db 3 Sg 4,Bh 5 Hs 6 Mt Ds |Rg Cn Uut FI Uup Lv |Uus |Uuo 
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St ——_— ef | 
ji | 
1/Pa 2/U 3Np 4/Pu 5 Am 6&Cm 7 Bk 8 Cf 9 Es 10.Fm 11/Md 12\No 13 Lr 14 
5f 
ii | 
Name H Ak Electrons 
1s Subshell 


This periodic table shows the electron configuration for each subshell. 


By “building up” from hydrogen, this table can be used to determine 


the electron configuration for any atom on the periodic table. 


We will now construct the ground-state electron configuration and orbital 
diagram for a selection of atoms in the first and second periods of the 
periodic table. Orbital diagrams are pictorial representations of the 
electron configuration, showing the individual orbitals and the pairing 
arrangement of electrons. We start with a single hydrogen atom (atomic 
number 1), which consists of one proton and one electron. Referring to 
[link] or [link], we would expect to find the electron in the 1s orbital. By 
convention, the m, = +} value is usually filled first. The electron 


configuration and the orbital diagram are: 


H| 1s1 


1s 


Following hydrogen is the noble gas helium, which has an atomic number 
of 2. The helium atom contains two protons and two electrons. The first 
electron has the same four quantum numbers as the hydrogen atom electron 
(n=1,1=0,m,=0,m, = +4). The second electron also goes into the 1s 
orbital and fills that orbital. The second electron has the same n, /, and m; 
quantum numbers, but must have the opposite spin quantum number, 

Nn, =— +. This is in accord with the Pauli exclusion principle: No two 
electrons in the same atom can have the same set of four quantum numbers. 
For orbital diagrams, this means two arrows go in each box (representing 
two electrons in each orbital) and the arrows must point in opposite 
directions (representing paired spins). The electron configuration and 
orbital diagram of helium are: 


He 1s? {| 


1s 


The n = 1 shell is completely filled in a helium atom. 


The next atom is the alkali metal lithium with an atomic number of 3. The 
first two electrons in lithium fill the 1s orbital and have the same sets of 
four quantum numbers as the two electrons in helium. The remaining 
electron must occupy the orbital of next lowest energy, the 2s orbital ({link] 
or [link]). Thus, the electron configuration and orbital diagram of lithium 


are: 
Ah 


An atom of the alkaline earth metal beryllium, with an atomic number of 4, 
contains four protons in the nucleus and four electrons surrounding the 
nucleus. The fourth electron fills the remaining space in the 2s orbital. 


fh 


An atom of boron (atomic number 5) contains five electrons. The n = 1 
shell is filled with two electrons and three electrons will occupy the n = 2 
shell. Because any s subshell can contain only two electrons, the fifth 
electron must occupy the next energy level, which will be a 2p orbital. 
There are three degenerate 2p orbitals (m; = —1, 0, +1) and the electron can 
occupy any one of these p orbitals. When drawing orbital diagrams, we 
include empty boxes to depict any empty orbitals in the same subshell that 
we are filling. 


Ah 


Carbon (atomic number 6) has six electrons. Four of them fill the 1s and 2s 
orbitals. The remaining two electrons occupy the 2p subshell. We now have 
a choice of filling one of the 2p orbitals and pairing the electrons or of 
leaving the electrons unpaired in two different, but degenerate, p orbitals. 
The orbitals are filled as described by Hund’s rule: the lowest-energy 
configuration for an atom with electrons within a set of degenerate orbitals 
is that having the maximum number of unpaired electrons. Thus, the two 
electrons in the carbon 2p orbitals have identical n, 1, and m, quantum 
numbers and differ in their m; quantum number (in accord with the Pauli 
exclusion principle). The electron configuration and orbital diagram for 
carbon are: 


C 1s*2s5¢2p2 AVA| 


1s 2s 


Nitrogen (atomic number 7) fills the 1s and 2s subshells and has one 
electron in each of the three 2p orbitals, in accordance with Hund’s rule. 
These three electrons have unpaired spins. Oxygen (atomic number 8) has a 
pair of electrons in any one of the 2p orbitals (the electrons have opposite 
spins) and a single electron in each of the other two. Fluorine (atomic 
number 9) has only one 2p orbital containing an unpaired electron. All of 
the electrons in the noble gas neon (atomic number 10) are paired, and all of 
the orbitals in the n = 1 and the n = 2 shells are filled. The electron 
configurations and orbital diagrams of these four elements are: 


fh 
fh 
fh 
fh 


The alkali metal sodium (atomic number 11) has one more electron than the 
neon atom. This electron must go into the lowest-energy subshell available, 
the 3s orbital, giving a 1s*2s*2p°3s! configuration. The electrons occupying 
the outermost shell orbital(s) (highest value of n) are called valence 
electrons, and those occupying the inner shell orbitals are called core 
electrons ([link]). Since the core electron shells correspond to noble gas 
electron configurations, we can abbreviate electron configurations by 
writing the noble gas that matches the core electron configuration, along 
with the valence electrons in a condensed format. For our sodium example, 


the symbol [Ne] represents core electrons, (1s*2s*2p®) and our abbreviated 
or condensed configuration is [Ne]3s!. 


Na 1s22s22p® Abbreviation [Ne]3s2 


fA 


Core electrons Valence electron 


A core-abbreviated electron configuration (right) replaces the core 
electrons with the noble gas symbol whose configuration matches the 
core electron configuration of the other element. 


Similarly, the abbreviated configuration of lithium can be represented as 
[He]2s!, where [He] represents the configuration of the helium atom, which 
is identical to that of the filled inner shell of lithium. Writing the 
configurations in this way emphasizes the similarity of the configurations of 
lithium and sodium. Both atoms, which are in the alkali metal family, have 
only one electron in a valence s subshell outside a filled set of inner shells. 
Equation: 


Li: (He]2s! 
Na: [Ne]3s! 


The alkaline earth metal magnesium (atomic number 12), with its 12 
electrons in a [Ne]3s* configuration, is analogous to its family member 
beryllium, [He]2s*. Both atoms have a filled s subshell outside their filled 
inner shells. Aluminum (atomic number 13), with 13 electrons and the 
electron configuration [Ne]3s73p!, is analogous to its family member boron, 
[He]2s*2p!. 


The electron configurations of silicon (14 electrons), phosphorus (15 
electrons), sulfur (16 electrons), chlorine (17 electrons), and argon (18 


electrons) are analogous in the electron configurations of their outer shells 
to their corresponding family members carbon, nitrogen, oxygen, fluorine, 
and neon, respectively, except that the principal quantum number of the 
outer shell of the heavier elements has increased by one to n = 3. [link] 

shows the lowest energy, or ground-state, electron configuration for these 
elements as well as that for atoms of each of the known elements. 
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This version of the periodic table shows the outer-shell electron 
configuration of each element. Note that down each group, the 
configuration is often similar. 


When we come to the next element in the periodic table, the alkali metal 
potassium (atomic number 19), we might expect that we would begin to add 
electrons to the 3d subshell. However, all available chemical and physical 
evidence indicates that potassium is like lithium and sodium, and that the 
next electron is not added to the 3d level but is, instead, added to the 4s 
level ([link]). As discussed previously, the 3d orbital with no radial nodes is 
higher in energy because it is less penetrating and more shielded from the 
nucleus than the 4s, which has three radial nodes. Thus, potassium has an 
electron configuration of [Ar]4s'. Hence, potassium corresponds to Li and 
Na in its valence shell configuration. The next electron is added to complete 
the 4s subshell and calcium has an electron configuration of [Ar]4s*. This 
gives calcium an outer-shell electron configuration corresponding to that of 
beryllium and magnesium. 


Beginning with the transition metal scandium (atomic number 21), 
additional electrons are added successively to the 3d subshell. This subshell 
is filled to its capacity with 10 electrons (remember that for | = 2 [d 
orbitals], there are 2! + 1 = 5 values of m;, meaning that there are five d 
orbitals that have a combined capacity of 10 electrons). The 4p subshell fills 
next. Note that for three series of elements, scandium (Sc) through copper 
(Cu), yttrium (Y) through silver (Ag), and lutetium (Lu) through gold (Au), 
a total of 10 d electrons are successively added to the (n — 1) shell next to 
the n shell to bring that (n — 1) shell from 8 to 18 electrons. For two series, 
lanthanum (La) through lutetium (Lu) and actinium (Ac) through 
lawrencium (Lr), 14 f electrons (/ = 3, 2] + 1 = 7 m; values; thus, seven 
orbitals with a combined capacity of 14 electrons) are successively added to 
the (n — 2) shell to bring that shell from 18 electrons to a total of 32 
electrons. 


Example: 

Quantum Numbers and Electron Configurations 

What is the electron configuration and orbital diagram for a phosphorus 
atom? What are the four quantum numbers for the last electron added? 
Solution 


The atomic number of phosphorus is 15. Thus, a phosphorus atom contains 
15 electrons. The order of filling of the energy levels is 1s, 2s, 2p, 3s, 3p, 
As, ... The 15 electrons of the phosphorus atom will fill up to the 3p 
orbital, which will contain three electrons: 


P 1s22s22p63s23p3 


The last electron added is a 3p electron. Therefore, n = 3 and, for a p-type 
orbital, ! = 1. The m, value could be —1, 0, or +1. The three p orbitals are 
degenerate, so any of these m, values is correct. For unpaired electrons, 
convention assigns the value of + + for the spin quantum number; thus, 
Ms = +4. 

Check Your Learning 

Identify the atoms from the electron configurations given: 

(a) [Ar]4s73d° 

(b) [Kr]5s24d!°5p°® 


Note: 
Answer: 
(a) Mn (b) Xe 


The periodic table can be a powerful tool in predicting the electron 
configuration of an element. However, we do find exceptions to the order of 
filling of orbitals that are shown in [link] or [link]. For instance, the electron 
configurations (shown in [link]) of the transition metals chromium (Cr; 
atomic number 24) and copper (Cu; atomic number 29), among others, are 
not those we would expect. In general, such exceptions involve subshells 
with very similar energy, and small effects can lead to changes in the order 
of filling. 


In the case of Cr and Cu, we find that half-filled and completely filled 
subshells apparently represent conditions of preferred stability. This 
stability is such that an electron shifts from the 4s into the 3d orbital to gain 
the extra stability of a half-filled 3d subshell (in Cr) or a filled 3d subshell 
(in Cu). Other exceptions also occur. For example, niobium (Nb, atomic 
number 41) is predicted to have the electron configuration [Kr]5s*4d°. 
Experimentally, we observe that its ground-state electron configuration is 
actually [Kr]5s'4d*. We can rationalize this observation by saying that the 
electron—electron repulsions experienced by pairing the electrons in the 5s 
orbital are larger than the gap in energy between the 5s and 4d orbitals. 
There is no simple method to predict the exceptions for atoms where the 
magnitude of the repulsions between electrons is greater than the small 
differences in energy between subshells. 


Electron Configurations and the Periodic Table 


As described earlier, the periodic table arranges atoms based on increasing 
atomic number so that elements with the same chemical properties recur 
periodically. When their electron configurations are added to the table 
({link]), we also see a periodic recurrence of similar electron configurations 
in the outer shells of these elements. Because they are in the outer shells of 
an atom, valence electrons play the most important role in chemical 
reactions. The outer electrons have the highest energy of the electrons in an 
atom and are more easily lost or shared than the core electrons. Valence 
electrons are also the determining factor in some physical properties of the 
elements. 


Elements in any one group (or column) have the same number of valence 
electrons; the alkali metals lithium and sodium each have only one valence 
electron, the alkaline earth metals beryllium and magnesium each have two, 
and the halogens fluorine and chlorine each have seven valence electrons. 
The similarity in chemical properties among elements of the same group 
occurs because they have the same number of valence electrons. It is the 
loss, gain, or sharing of valence electrons that defines how elements react. 


It is important to remember that the periodic table was developed on the 
basis of the chemical behavior of the elements, well before any idea of their 


atomic structure was available. Now we can understand why the periodic 
table has the arrangement it has—the arrangement puts elements whose 
atoms have the same number of valence electrons in the same group. This 
arrangement is emphasized in [link], which shows in periodic-table form 
the electron configuration of the last subshell to be filled by the Aufbau 
principle. The colored sections of [link] show the three categories of 
elements classified by the orbitals being filled: main group, transition, and 
inner transition elements. These classifications determine which orbitals are 
counted in the valence shell, or highest energy level orbitals of an atom. 


1. Main group elements (sometimes called representative elements) 
are those in which the last electron added enters an s or a p orbital in 
the outermost shell, shown in blue and red in [link]. This category 
includes all the nonmetallic elements, as well as many metals and the 
metalloids. The valence electrons for main group elements are those 
with the highest n level. For example, gallium (Ga, atomic number 31) 
has the electron configuration [Ar]4s23d!°4p+, which contains three 
valence electrons (underlined). The completely filled d orbitals count 
as core, not valence, electrons. 

2. Transition elements or transition metals. These are metallic 
elements in which the last electron added enters a d orbital. The 
valence electrons (those added after the last noble gas configuration) in 
these elements include the ns and (n — 1) d electrons. The official 
IUPAC definition of transition elements specifies those with partially 
filled d orbitals. Thus, the elements with completely filled orbitals (Zn, 
Cd, Hg, as well as Cu, Ag, and Au in [link]) are not technically 
transition elements. However, the term is frequently used to refer to the 
entire d block (colored yellow in [link]), and we will adopt this usage 
in this textbook. 

3. Inner transition elements are metallic elements in which the last 
electron added occupies an f orbital. They are shown in green in [link]. 
The valence shells of the inner transition elements consist of the (n — 
2)f, the (n — 1)d, and the ns subshells. There are two inner transition 
series: 


a. The lanthanide series: lanthanide (La) through lutetium (Lu) 
b. The actinide series: actinide (Ac) through lawrencium (Lr) 


Lanthanum and actinium, because of their similarities to the other members 
of the series, are included and used to name the series, even though they are 
transition metals with no f electrons. 


Electron Configurations of Ions 


We have seen that ions are formed when atoms gain or lose electrons. A 
cation (positively charged ion) forms when one or more electrons are 
removed from a parent atom. For main group elements, the electrons that 
were added last are the first electrons removed. For transition metals and 
inner transition metals, however, electrons in the s orbital are easier to 
remove than the d orf electrons, and so the highest ns electrons are lost, 
and then the (n—1)d or (n— 2)f electrons are removed. An anion 
(negatively charged ion) forms when one or more electrons are added to a 
parent atom. The added electrons fill in the order predicted by the Aufbau 
principle. 


Example: 

Predicting Electron Configurations of Ions 

What is the electron configuration of: 

(a) Na* 

fies 

(ue 

(d) Fe?* 

(e) Sm?* 

Solution 

First, write out the electron configuration for each parent atom. We have 
chosen to show the full, unabbreviated configurations to provide more 
practice for students who want it, but listing the core-abbreviated electron 
configurations is also acceptable. 

Next, determine whether an electron is gained or lost. Remember electrons 
are negatively charged, so ions with a positive charge have lost an electron. 
For main group elements, the last orbital gains or loses the electron. For 
transition metals, the last s orbital loses an electron before the d orbitals. 


(a) Na: 1s*2s*2p°3s!. Sodium cation loses one electron, so Na*: 

is 25- pos = Ndi ods spe 

(b) P: 1s*2s*2p°3s*3p°. Phosphorus trianion gains three electrons, so P?: 
ssp oss 

(c) Al: 1s*2s*2p°3s*3p!. Aluminum dication loses two electrons Al**: 

(is 59 pos an = 

Ale dise2s-2 pos. 

(d) Fe: 1s*2s?2p°3s73p°4s*3d®. Iron(II) loses two electrons and, since it is a 
transition metal, they are removed from the 4s orbital Fe?*: 

is 25-9 3523p Ascad? —ds-95- 2p sscan 3a 

(e). Sm: 1s*2s*2p®3s*3p°4s73d!04p°5s74d!95p%6s24f°. Samarium trication 
loses three electrons. The first two will be lost from the 6s orbital, and the 
final one is removed from the 4f orbital. Sm?*: 
1s=25-2p°Bscap 45-00. 4p 554d 5p os.4y> = 
1s=25-2p°3s-ap 45-00. 4p 55-4. 5p 4p. 

Check Your Learning 

Which ion with a +2 charge has the electron configuration 
1s72s*2p°3s73p°3d!94s74p°4d°? Which ion with a +3 charge has this 
configuration? 


Note: 
Answer: 
Tc2*, Rut 


Key Concepts and Summary 


The relative energy of the subshells determine the order in which atomic 
orbitals are filled (1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, and so on). Electron 
configurations and orbital diagrams can be determined by applying the 
Pauli exclusion principle (no two electrons can have the same set of four 


quantum numbers) and Hund’s rule (whenever possible, electrons retain 
unpaired spins in degenerate orbitals). 


Electrons in the outermost orbitals, called valence electrons, are responsible 
for most of the chemical behavior of elements. In the periodic table, 
elements with analogous valence electron configurations usually occur 
within the same group. There are some exceptions to the predicted filling 
order, particularly when half-filled or completely filled orbitals can be 
formed. The periodic table can be divided into three categories based on the 
orbital in which the last electron to be added is placed: main group elements 
(s and p orbitals), transition elements (d orbitals), and inner transition 
elements (f orbitals). 


Chemistry End of Chapter Exercises 


Exercise: 
Problem: 
Read the labels of several commercial products and identify 


monatomic ions of at least four transition elements contained in the 
products. Write the complete electron configurations of these cations. 


Exercise: 
Problem: 
Read the labels of several commercial products and identify 
monatomic ions of at least six main group elements contained in the 


products. Write the complete electron configurations of these cations 
and anions. 


Solution: 


For example, Na*: 1s*2s?2p°; Ca?*: 1s*2s*2p®; Sn?*: 
1s?25°2p°3s-3p°3d!4s-4p 4d 55°: F-: Ise 25-9p* O- 157 2s-2 n° Cl 
Ts725°2p°35°3p°. 


Exercise: 


Problem: 

Using complete subshell notation (not abbreviations, 1s*2s*2p®, and so 
forth), predict the electron configuration of each of the following 
atoms: 

(a) C 

(b) P 

Cey'V: 

(d) Sb 


(e) Sm 
Exercise: 


Problem: 


Using complete subshell notation (1s22s?2p®, and so forth), predict the 
electron configuration of each of the following atoms: 


(a) N 

(b) Si 

(c) Fe 

(d) Te 

(e) Tb 

Solution: 

(a) 1s*2s*2p?; (b) 1s72s*2p°3s73p?; (c) 1s22s*2p®3s23p%4s*3d®; (d) 
1s72s72p°3s°3p°4s°3d!94p"5s74d!05p*: (e) 
1s72s?2p°3s73p°4s*3d!94p°5s74d!95p°6s*4f? 


Exercise: 


Problem: 


Is 1s?2s?2p® the symbol for a macroscopic property or a microscopic 
property of an element? Explain your answer. 


Exercise: 


Problem: 


What additional information do we need to answer the question 
“Which ion has the electron configuration 1s*2s*2p°3s73p°”? 


Solution: 


The charge on the ion. 
Exercise: 


Problem: 


Draw the orbital diagram for the valence shell of each of the following 
atoms: 


(a) C 
(b) P 
(cv 
(d) Sb 


(e) Ru 
Exercise: 


Problem: 


Use an orbital diagram to describe the electron configuration of the 
valence shell of each of the following atoms: 


(a) N 


(b) Si 
(c) Fe 

(d) Te 

(e) Mo 
Solution: 


iim 


(d) 


(e) 
5s 4d 
Exercise: 
Problem: 


Using complete subshell notation (1s22s?2p®, and so forth), predict the 
electron configurations of the following ions. 


(a) N> 
(byiCat* 
(c) S 
(d) Cs?* 
(e) Cre* 


(f) Gd?* 
Exercise: 


Problem: 


Which atom has the electron configuration 
1s?2s?2p°3s*3p°4s*3d!04p°5s*4d7? 


Solution: 


ZY 
Exercise: 


Problem: 


Which atom has the electron configuration 1s22s?2p°3s?3p°3d’4s?? 
Exercise: 


Problem: 
Which ion with a +1 charge has the electron configuration 
1s72s*2p°3s73p°3d!94s74p°? Which ion with a —2 charge has this 


configuration? 


Solution: 


Rb*, Se?” 
Exercise: 


Problem: 


Which of the following atoms contains only three valence electrons: 
Li, B, N, F, Ne? 


Exercise: 


Problem: Which of the following has two unpaired electrons? 
(a) Mg 

(b) Si 

{c) S 

(d) Both Mg and S 


(e) Both Si and S. 


Solution: 


Although both (b) and (c) are correct, (e) encompasses both and is the 
best answer. 


Exercise: 


Problem: 


Which atom would be expected to have a half-filled 6p subshell? 
Exercise: 


Problem: 
Which atom would be expected to have a half-filled 4s subshell? 


Solution: 


K 
Exercise: 
Problem: 
In one area of Australia, the cattle did not thrive despite the presence 
of suitable forage. An investigation showed the cause to be the absence 


of sufficient cobalt in the soil. Cobalt forms cations in two oxidation 
States, Co2* and Co?". Write the electron structure of the two cations. 


Exercise: 
Problem: 
Thallium was used as a poison in the Agatha Christie mystery story 
“The Pale Horse.” Thallium has two possible cationic forms, +1 and 


+3. The +1 compounds are the more stable. Write the electron 
structure of the +1 cation of thallium. 


Solution: 


1s72s72p°3s*3p°3d!94s74p°4d!5s*5p°6s*4ft45d!0 


Exercise: 


Problem: 


Write the electron configurations for the following atoms or ions: 
(a) B?* 
(b) O- 
(ec 
(d) Ca** 
(e) Ti 
Exercise: 


Problem: 


Cobalt—60 and iodine—131 are radioactive isotopes commonly used in 
nuclear medicine. How many protons, neutrons, and electrons are in 
atoms of these isotopes? Write the complete electron configuration for 
each isotope. 


Solution: 


Co has 27 protons, 27 electrons, and 33 neutrons: 
1s72s*2p°3s73p°4s*3d’. 

I has 53 protons, 53 electrons, and 78 neutrons: 
1§72572p°3s-3p°3d!"4s*4p°4d55°5p". 


Exercise: 


Problem: 


Write a set of quantum numbers for each of the electrons with an n of 3 
in a Sc atom. 


Glossary 


Aufbau principle 
procedure in which the electron configuration of the elements is 
determined by “building” them in order of atomic numbers, adding one 
proton to the nucleus and one electron to the proper subshell at a time 


core electron 
electron in an atom that occupies the orbitals of the inner shells 


electron configuration 
electronic structure of an atom in its ground state given as a listing of 
the orbitals occupied by the electrons 


Hund’s rule 
every orbital in a subshell is singly occupied with one electron before 
any one orbital is doubly occupied, and all electrons in singly occupied 
orbitals have the same spin 


orbital diagram 
pictorial representation of the electron configuration showing each 
orbital as a box and each electron as an arrow 


valence electrons 
electrons in the outermost or valence shell (highest value of n) of a 
ground-state atom; determine how an element reacts 


valence shell 
outermost shell of electrons in a ground-state atom; for main group 
elements, the orbitals with the highest n level (s and p subshells) are in 
the valence shell, while for transition metals, the highest energy s and 
d subshells make up the valence shell and for inner transition elements, 
the highest s, d, and f subshells are included 


Periodic Variations in Element Properties 
By the end of this section, you will be able to: 


e Describe and explain the observed trends in atomic size, ionization energy, and electron affinity 
of the elements 


The elements in groups (vertical columns) of the periodic table exhibit similar chemical behavior. This 
similarity occurs because the members of a group have the same number and distribution of electrons 
in their valence shells. However, there are also other patterns in chemical properties on the periodic 
table. For example, as we move down a group, the metallic character of the atoms increases. Oxygen, 
at the top of group 16 (6A), is a colorless gas; in the middle of the group, selenium is a 
semiconducting solid; and, toward the bottom, polonium is a silver-grey solid that conducts electricity. 


As we go across a period from left to right, we add a proton to the nucleus and an electron to the 
valence shell with each successive element. As we go down the elements in a group, the number of 
electrons in the valence shell remains constant, but the principal quantum number increases by one 
each time. An understanding of the electronic structure of the elements allows us to examine some of 
the properties that govern their chemical behavior. These properties vary periodically as the electronic 
structure of the elements changes. They are (1) size (radius) of atoms and ions, (2) ionization energies, 
and (3) electron affinities. 


Note: 


openstax 
LSS 
pe 


Explore visualizations of the periodic trends discussed in this section (and many more trends). With 
just a few clicks, you can create three-dimensional versions of the periodic table showing atomic size 
or graphs of ionization energies from all measured elements. 


Variation in Covalent Radius 


The quantum mechanical picture makes it difficult to establish a definite size of an atom. However, 
there are several practical ways to define the radius of atoms and, thus, to determine their relative sizes 
that give roughly similar values. We will use the covalent radius ((link]), which is defined as one-half 
the distance between the nuclei of two identical atoms when they are joined by a covalent bond (this 
measurement is possible because atoms within molecules still retain much of their atomic identity). 
We know that as we scan down a group, the principal quantum number, n, increases by one for each 
element. Thus, the electrons are being added to a region of space that is increasingly distant from the 
nucleus. Consequently, the size of the atom (and its covalent radius) must increase as we increase the 
distance of the outermost electrons from the nucleus. This trend is illustrated for the covalent radii of 
the halogens in [link] and [link]. The trends for the entire periodic table can be seen in [link]. 


Covalent Radii of the Halogen Group Elements 


Atom Covalent radius (pm) Nuclear charge 

P 64 +9 

Cl 99 +17 

Br 114 +35 

I 133 +53 

At 148 +85 

128 pm 198 pm 228 pm 266 pm 
F radius = =e pm =64pm_ Clradius = ep =99pm__ Br radius = sapm = 114 pm | radius = Seen = 133 pm 
(a) 

cS 
2 
e Group Periodic Table of the Elements 

1 18 

H He 
1 A%6 @ 

2 13 14 15 16 17 

Li Be B C N fe) F Ne 
2e@e eee © @hle 
3 Na M Al Si P Ss cl Ar 

e = 3 4 5 6 7 8 9 10 11 12 e e ° ° © ad 
4 K Ca Sc Ti Vv Cr Mn Fe _ Co Ni Cu Zn Ga Ge As_~ Se Br Kr 

ee er er 
5 Rb Sr ry, Zr Nb Mo~ Te Ru Rh Pd Ag_ Cd In Sn Sb_ Te I Xe 

er ee er ee er | 
6 Cs Ba La Hf Ta Ww Re Os Ir Pt Au Hg Ti Pb Bi Po At~ Rn 

@eeevsee&esvee 0 &@© © © © © @ CC @ 
7 E Ra Ac Rf Db Sg Bh Hs Mt Ds Rg Cn Uut FI Uup Lv’ Uus_ Uuo 

r=) @ee © @ @ Oe 


(b) 


(a) The radius of an atom is defined as one-half the distance between the nuclei in a molecule 
consisting of two identical atoms joined by a covalent bond. The atomic radius for the halogens 


increases down the group as n increases. (b) Covalent radii of the elements are shown to scale. 
The general trend is that radii increase down a group and decrease across a period. 
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Atomic number 


Within each period, the trend in atomic radius decreases as Z increases; for example, from K to 
Kr. Within each group (e.g., the alkali metals shown in purple), the trend is that atomic radius 
increases as Z increases. 


As shown in [link], as we move across a period from left to right, we generally find that each element 
has a smaller covalent radius than the element preceding it. This might seem counterintuitive because 
it implies that atoms with more electrons have a smaller atomic radius. This can be explained with the 
concept of effective nuclear charge, Zr. This is the pull exerted on a specific electron by the 
nucleus, taking into account any electron—electron repulsions. For hydrogen, there is only one electron 
and so the nuclear charge (Z) and the effective nuclear charge (Za¢s) are equal. For all other atoms, the 
inner electrons partially shield the outer electrons from the pull of the nucleus, and thus: 

Equation: 


Zee = Z — shielding 


Shielding is determined by the probability of another electron being between the electron of interest 
and the nucleus, as well as by the electron—electron repulsions the electron of interest encounters. Core 
electrons are adept at shielding, while electrons in the same valence shell do not block the nuclear 
attraction experienced by each other as efficiently. Thus, each time we move from one element to the 
next across a period, Z increases by one, but the shielding increases only slightly. Thus, Zes¢ increases 
as we move from left to right across a period. The stronger pull (higher effective nuclear charge) 
experienced by electrons on the right side of the periodic table draws them closer to the nucleus, 
making the covalent radii smaller. 


Thus, as we would expect, the outermost or valence electrons are easiest to remove because they have 
the highest energies, are shielded more, and are farthest from the nucleus. As a general rule, when the 
representative elements form cations, they do so by the loss of the ns or np electrons that were added 
last in the Aufbau process. The transition elements, on the other hand, lose the ns electrons before they 
begin to lose the (n — 1)d electrons, even though the ns electrons are added first, according to the 
Aufbau principle. 


Example: 

Sorting Atomic Radii 

Predict the order of increasing covalent radius for Ge, Fl, Br, Kr. 

Solution 

Radius increases as we move down a group, so Ge < FI (Note: Fl is the symbol for flerovium, element 
114, NOT fluorine). Radius decreases as we move across a period, so Kr < Br < Ge. Putting the 
trends together, we obtain Kr < Br < Ge < FI. 

Check Your Learning 

Give an example of an atom whose size is smaller than fluorine. 


Note: 
Answer: 
Ne or He 


Variation in Ionic Radii 


Ionic radius is the measure used to describe the size of an ion. A cation always has fewer electrons and 
the same number of protons as the parent atom; it is smaller than the atom from which it is derived 
({link]). For example, the covalent radius of an aluminum atom (1s*2s?2p°3s*3p!) is 118 pm, whereas 
the ionic radius of an Al?* (1s*2s*2p®) is 68 pm. As electrons are removed from the outer valence 
shell, the remaining core electrons occupying smaller shells experience a greater effective nuclear 
charge Zar (as discussed) and are drawn even closer to the nucleus. 


@A 118 @s 104 
eA 68 @s* 170 


The radius for a cation is smaller than the parent atom (Al), due to the lost 
electrons; the radius for an anion is larger than the parent (S), due to the 
gained electrons. 


Cations with larger charges are smaller than cations with smaller charges (e.g., V** has an ionic radius 
of 79 pm, while that of V°* is 64 pm). Proceeding down the groups of the periodic table, we find that 
cations of successive elements with the same charge generally have larger radii, corresponding to an 
increase in the principal quantum number, n. 


An anion (negative ion) is formed by the addition of one or more electrons to the valence shell of an 
atom. This results in a greater repulsion among the electrons and a decrease in Zor per electron. Both 
effects (the increased number of electrons and the decreased Zar) cause the radius of an anion to be 
larger than that of the parent atom ([link]). For example, a sulfur atom ([Ne]3s73p*) has a covalent 
radius of 104 pm, whereas the ionic radius of the sulfide anion ([Ne]3s73p°) is 170 pm. For 
consecutive elements proceeding down any group, anions have larger principal quantum numbers and, 
thus, larger radii. 


Atoms and ions that have the same electron configuration are said to be isoelectronic. Examples of 
isoelectronic species are N*, O%, F-, Ne, Na’, Me**, and Al* (1s?2s72p°), Another isoelectronic 
series is P*, S*-, Cl, Ar, K*, Ca?*, and Sc?* ([Ne]3s?3p°). For atoms or ions that are isoelectronic, the 
number of protons determines the size. The greater the nuclear charge, the smaller the radius in a 
series of isoelectronic ions and atoms. 


Variation in Ionization Energies 


The amount of energy required to remove the most loosely bound electron from a gaseous atom in its 
ground state is called its first ionization energy (IE). The first ionization energy for an element, X, is 
the energy required to form a cation with +1 charge: 

Equation: 


X(g) —+ X'(g)+e IE 


The energy required to remove the second most loosely bound electron is called the second ionization 


energy (IE>). 
Equation: 


X*(g) —> X**(g) +e IE 
The energy required to remove the third electron is the third ionization energy, and so on. Energy is 


always required to remove electrons from atoms or ions, so ionization processes are endothermic and 
IE values are always positive. For larger atoms, the most loosely bound electron is located farther 


from the nucleus and so is easier to remove. Thus, as size (atomic radius) increases, the ionization 
energy should decrease. Relating this logic to what we have just learned about radii, we would expect 
first ionization energies to decrease down a group and to increase across a period. 


[link] graphs the relationship between the first ionization energy and the atomic number of several 
elements. The values of first ionization energy for the elements are given in [link]. Within a period, the 
IE, generally increases with increasing Z. Down a group, the IE, value generally decreases with 
increasing Z. There are some systematic deviations from this trend, however. Note that the ionization 
energy of boron (atomic number 5) is less than that of beryllium (atomic number 4) even though the 
nuclear charge of boron is greater by one proton. This can be explained because the energy of the 
subshells increases as | increases, due to penetration and shielding (as discussed previously in this 
chapter). Within any one shell, the s electrons are lower in energy than the p electrons. This means that 
an s electron is harder to remove from an atom than a p electron in the same shell. The electron 
removed during the ionization of beryllium ({He]2s?) is an s electron, whereas the electron removed 
during the ionization of boron ({[He]2s2p!) is a p electron; this results in a lower first ionization 
energy for boron, even though its nuclear charge is greater by one proton. Thus, we see a small 
deviation from the predicted trend occurring each time a new subshell begins. 
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The first ionization energy of the elements in the first five periods are plotted against their atomic 
number. 


First lonization Energies of Some Elements (kJ/mol) 
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This version of the periodic table shows the first ionization energy (IE,), in kJ/mol, of selected 
elements. 


Another deviation occurs as orbitals become more than one-half filled. The first ionization energy for 
oxygen is slightly less than that for nitrogen, despite the trend in increasing IE, values across a period. 
Looking at the orbital diagram of oxygen, we can see that removing one electron will eliminate the 
electron—electron repulsion caused by pairing the electrons in the 2p orbital and will result in a half- 
filled orbital (which is energetically favorable). Analogous changes occur in succeeding periods (note 
the dip for sulfur after phosphorus in [link]). 


O 1s22s22p4 {| N 


1s 


Removing an electron from a cation is more difficult than removing an electron from a neutral atom 
because of the greater electrostatic attraction to the cation. Likewise, removing an electron from a 
cation with a higher positive charge is more difficult than removing an electron from an ion with a 
lower charge. Thus, successive ionization energies for one element always increase. As seen in [link], 
there is a large increase in the ionization energies for each element. This jump corresponds to removal 
of the core electrons, which are harder to remove than the valence electrons. For example, Sc and Ga 
both have three valence electrons, so the rapid increase in ionization energy occurs after the third 
ionization. 


Successive Ionization Energies for Selected Elements (kJ/mol) 


Element TE, IE, IE3 IE, IEs IE¢ IE, 
K 418.8 3051.8 4419.6 5876.9 7975.5 9590.6 11343 
Ca 589.8 1145.4 4912.4 6490.6 8153.0 10495.7 12272.9 
Sc 633.1 1235.0 2388.7 7090.6 8842.9 10679.0 13315.0 
Ga 578.8 1979.4 2964.6 6180 8298.7 10873.9 13594.8 
Ge 762.2 1537.5 3302.1 4410.6 9021.4 Not NOt 
available available 
As 944.5 1793.6 2735.5 4836.8 6042.9 12311.5 Not 
available 
Example: 


Ranking Ionization Energies 

Predict the order of increasing energy for the following processes: IE, for Al, IE; for Tl, IE) for Na, 
IE3 for Al. 

Solution 

Removing the 6p! electron from TI is easier than removing the 3p! electron from Al because the 
higher n orbital is farther from the nucleus, so IE,(Tl) < IE,(Al). Ionizing the third electron from 
Al (AP?* —+ Al* + e-) requires more energy because the cation Al?* exerts a stronger pull 
on the electron than the neutral Al atom, so IE,(Al) < IE3(Al). The second ionization energy for 
sodium removes a core electron, which is a much higher energy process than removing valence 
electrons. Putting this all together, we obtain: IE,(Tl) < IE;(Al) < IE3(Al) < IE>(Na). 

Check Your Learning 

Which has the lowest value for IE): O, Po, Pb, or Ba? 


Note: 
Answer: 
Ba 


Variation in Electron Affinities 


The electron affinity [EA] is the energy change for the process of adding an electron to a gaseous 
atom to form an anion (negative ion). 
Equation: 


X(g)t+e —>+X (yg) EA 


This process can be either endothermic or exothermic, depending on the element. The EA of some of 
the elements is given in [link]. You can see that many of these elements have negative values of EA, 
which means that energy is released when the gaseous atom accepts an electron. However, for some 
elements, energy is required for the atom to become negatively charged and the value of their EA is 
positive. Just as with ionization energy, subsequent EA values are associated with forming ions with 
more charge. The second EA is the energy associated with adding an electron to an anion to form a —2 
ion, and so on. 


As we might predict, it becomes easier to add an electron across a series of atoms as the effective 
nuclear charge of the atoms increases. We find, as we go from left to right across a period, EAs tend to 
become more negative. The exceptions found among the elements of group 2 (2A), group 15 (5A), and 
group 18 (8A) can be understood based on the electronic structure of these groups. The noble gases, 
group 18 (8A), have a completely filled shell and the incoming electron must be added to a higher n 
level, which is more difficult to do. Group 2 (2A) has a filled ns subshell, and so the next electron 
added goes into the higher energy np, so, again, the observed EA value is not as the trend would 
predict. Finally, group 15 (SA) has a half-filled np subshell and the next electron must be paired with 
an existing np electron. In all of these cases, the initial relative stability of the electron configuration 
disrupts the trend in EA. 


We also might expect the atom at the top of each group to have the largest EA; their first ionization 
potentials suggest that these atoms have the largest effective nuclear charges. However, as we move 
down a group, we see that the second element in the group most often has the greatest EA. The 
reduction of the EA of the first member can be attributed to the small size of the n = 2 shell and the 
resulting large electron—electron repulsions. For example, chlorine, with an EA value of —348 kJ/mol, 
has the highest value of any element in the periodic table. The EA of fluorine is —322 kJ/mol. When 
we add an electron to a fluorine atom to form a fluoride anion (F ), we add an electron to the n = 2 
shell. The electron is attracted to the nucleus, but there is also significant repulsion from the other 
electrons already present in this small valence shell. The chlorine atom has the same electron 
configuration in the valence shell, but because the entering electron is going into the n = 3 shell, it 
occupies a considerably larger region of space and the electron—electron repulsions are reduced. The 
entering electron does not experience as much repulsion and the chlorine atom accepts an additional 
electron more readily. 


Electron Affinity Values for Selected Elements (kJ/mol) 


Al Si P Ss Cl Ar 
6 7 8 9 10 1 = 12 [44 ]|-120)| =74 || -20 ||-348]|+35*| 


5 
4| K || Ca || Sc || Ti Vv Cr || Mn |) Fe |} Co || Ni |} Cu || Zn || Ga || Ge || As |) Se || Br || Kr 
—48 |+150 —40* ||-115]| —7 ||-195]|-324]|+40* 
5| Rb || sr || y || zr || nb | Mo || tc || Ru || Rh | Pd || Ag | cd | in | sn || sb || Te | 1 || xe 
—46 |+160 —40* ||-121||-101 ||—190 ||-295 || +40* 
6| Cs | Ba || La || Hf || Ta || W || Re || Os || Ir | Pt || Au | Hg | Tl | Pb || Bi || Po E Rn 
—45 || +50* —50 ||-101||-101 ||-170|-+-270*| +40* 


7| Fr Ra 
* Calculated value 


This version of the periodic table displays the electron affinity values (in kJ/mol) for selected 
elements. 


The properties discussed in this section (size of atoms and ions, effective nuclear charge, ionization 
energies, and electron affinities) are central to understanding chemical reactivity. For example, 
because fluorine has an energetically favorable EA and a large energy barrier to ionization (IF), it is 
much easier to form fluorine anions than cations. Metallic properties including conductivity and 
malleability (the ability to be formed into sheets) depend on having electrons that can be removed 
easily. Thus, metallic character increases as we move down a group and decreases across a period in 
the same trend observed for atomic size because it is easier to remove an electron that is farther away 
from the nucleus. 


Key Concepts and Summary 


Electron configurations allow us to understand many periodic trends. Covalent radius increases as we 
move down a group because the n level (orbital size) increases. Covalent radius mostly decreases as 
we move left to right across a period because the effective nuclear charge experienced by the electrons 
increases, and the electrons are pulled in tighter to the nucleus. Anionic radii are larger than the parent 
atom, while cationic radii are smaller, because the number of valence electrons has changed while the 
nuclear charge has remained constant. Ionization energy (the energy associated with forming a cation) 
decreases down a group and mostly increases across a period because it is easier to remove an electron 
from a larger, higher energy orbital. Electron affinity (the energy associated with forming an anion) is 
more favorable (exothermic) when electrons are placed into lower energy orbitals, closer to the 
nucleus. Therefore, electron affinity becomes increasingly negative as we move left to right across the 
periodic table and decreases as we move down a group. For both IE and electron affinity data, there 
are exceptions to the trends when dealing with completely filled or half-filled subshells. 


Chemistry End of Chapter Exercises 


Exercise: 
Problem: 


Based on their positions in the periodic table, predict which has the smallest atomic radius: Mg, 
Sr, Si, Cl, I. 


Solution: 


Cl 
Exercise: 
Problem: 
Based on their positions in the periodic table, predict which has the largest atomic radius: Li, Rb, 
N, FI. 
Exercise: 


Problem: 


Based on their positions in the periodic table, predict which has the largest first ionization energy: 
Mg, Ba, B, O, Te. 


Solution: 


O 
Exercise: 
Problem: 
Based on their positions in the periodic table, predict which has the smallest first ionization 
energy: Li, Cs, N, F, I. 
Exercise: 
Problem: 


Based on their positions in the periodic table, rank the following atoms in order of increasing first 
ionization energy: F, Li, N, Rb 


Solution: 


Rb <Li<N<F 
Exercise: 
Problem: 
Based on their positions in the periodic table, rank the following atoms in order of increasing first 
ionization energy: Mg, O, S, Si 
Exercise: 


Problem: 


Atoms of which group in the periodic table have a valence shell electron configuration of ns*np*? 


Solution: 


15 (SA) 
Exercise: 


Problem: 


Atoms of which group in the periodic table have a valence shell electron configuration of ns*? 
Exercise: 


Problem: 


Based on their positions in the periodic table, list the following atoms in order of increasing 
radius: Mg, Ca, Rb, Cs. 


Solution: 


Mg < Ca < Rb < Cs 
Exercise: 


Problem: 


Based on their positions in the periodic table, list the following atoms in order of increasing 
radius: Sr, Ca, Si, Cl. 


Exercise: 


Problem: 


Based on their positions in the periodic table, list the following ions in order of increasing radius: 
K*, Ca**, Al", Si** 


Solution: 
Sit? < APY <Cat* <K* 


Exercise: 


Problem: List the following ions in order of increasing radius: Li*, Mg**, Br-, Te?-. 
Exercise: 
Problem: Which atom and/or ion is (are) isoelectronic with Br*: Se?*, Se, As~, Kr, Ga**, Cl-? 


Solution: 


Se, As~ 


Exercise: 


Problem: 


Which of the following atoms and ions is (are) isoelectronic with S**: Si**, Cl?*, Ar, As**, Si, 
Al?*? 

Exercise: 
Problem: 


Compare both the numbers of protons and electrons present in each to rank the following ions in 
order of increasing radius: As*, Br, K*, Mg?*. 


Solution: 
Mg?* < K* < Br < As* 
Exercise: 
Problem: 
Of the five elements Al, Cl, I, Na, Rb, which has the most exothermic reaction? (E represents an 
atom.) What name is given to the energy for the reaction? Hint: note the process depicted does 


not correspond to electron affinity 
E*(g) +e —+ E(g) 


Exercise: 


Problem: 


Of the five elements Sn, Si, Sb, O, Te, which has the most endothermic reaction? (E represents an 
atom.) What name is given to the energy for the reaction? 
E(g) —> E*(g)+e7 


Solution: 


O, IE; 
Exercise: 


Problem: 


The ionic radii of the ions S*-, Cl-, and K* are 184, 181, 138 pm respectively. Explain why these 
ions have different sizes even though they contain the same number of electrons. 


Exercise: 


Problem: 
Which main group atom would be expected to have the lowest second ionization energy? 
Solution: 


Ra 


Exercise: 


Problem: Explain why Al is a member of group 13 rather than group 3? 


Glossary 


covalent radius 
one-half the distance between the nuclei of two identical atoms when they are joined by a 
covalent bond 


effective nuclear charge 
charge that leads to the Coulomb force exerted by the nucleus on an electron, calculated as the 
nuclear charge minus shielding 


electron affinity 
energy required to add an electron to a gaseous atom to form an anion 


ionization energy 
energy required to remove an electron from a gaseous atom or ion. The associated number (e.g., 
second ionization energy) corresponds to the charge of the ion produced (X°*) 


isoelectronic 
group of ions or atoms that have identical electron configurations 


Introduction 
class="introduction" 


e Valence Bond Theory 

e Hybrid Atomic Orbitals 

e Multiple Bonds 

e Molecular Orbital Theory 


Oxygen 
molecules 
orient 
randomly 
most of the 
time, as 
shown in the 
top 
magnified 
view. 
However, 
when we 
pour liquid 
oxygen 
through a 
magnet, the 
molecules 
line up with 
the magnetic 
field, and the 
attraction 
allows them 
to stay 
suspended 
between the 
poles of the 
magnet 
where the 


magnetic 
field is 
strongest. 
Other 
diatomic 
molecules 
(like N>) 
flow past the 
magnet. The 
detailed 
explanation 
of bonding 
described in 
this chapter 
allows us to 
understand 
this 
phenomenon 
. (credit: 
modification 
of work by 
Jefferson 
Lab) 


We have examined the basic ideas of bonding, showing that atoms share 
electrons to form molecules with stable Lewis structures and that we can 
predict the shapes of those molecules by valence shell electron pair 
repulsion (VSEPR) theory. These ideas provide an important starting point 
for understanding chemical bonding. But these models sometimes fall short 
in their abilities to predict the behavior of real substances. How can we 
reconcile the geometries of s, p, and d atomic orbitals with molecular 
shapes that show angles like 120° and 109.5°? Furthermore, we know that 
electrons and magnetic behavior are related through electromagnetic fields. 
Both N> and Op; have fairly similar Lewis structures that contain lone pairs 
of electrons. 


<N==N: -O—0: 


Yet oxygen demonstrates very different magnetic behavior than nitrogen. 
We can pour liquid nitrogen through a magnetic field with no visible 
interactions, while liquid oxygen (shown in [link]) is attracted to the magnet 
and floats in the magnetic field. We need to understand the additional 
concepts of valence bond theory, orbital hybridization, and molecular 
orbital theory to understand these observations. 


Formal Charges and Resonance 
By the end of this section, you will be able to: 


e¢ Compute formal charges for atoms in any Lewis structure 

e Use formal charges to identify the most reasonable Lewis structure for a given molecule 

e Explain the concept of resonance and draw Lewis structures representing resonance forms for a given 
molecule 


In the previous section, we discussed how to write Lewis structures for molecules and polyatomic ions. As we 
have seen, however, in some cases, there is seemingly more than one valid structure for a molecule. We can use the 
concept of formal charges to help us predict the most appropriate Lewis structure when more than one is 
reasonable. 


Calculating Formal Charge 


The formal charge of an atom in a molecule is the hypothetical charge the atom would have if we could 
redistribute the electrons in the bonds evenly between the atoms. Another way of saying this is that formal charge 
results when we take the number of valence electrons of a neutral atom, subtract the nonbonding electrons, and 
then subtract the number of bonds connected to that atom in the Lewis structure. 


Thus, we calculate formal charge as follows: 
Equation: 


1 
formal charge = # valence shell electrons (free atom) — # lone pair electrons — = # bonding electrons 


We can double-check formal charge calculations by determining the sum of the formal charges for the whole 
structure. The sum of the formal charges of all atoms in a molecule must be zero; the sum of the formal charges in 
an ion should equal the charge of the ion. 


We must remember that the formal charge calculated for an atom is not the actual charge of the atom in the 
molecule. Formal charge is only a useful bookkeeping procedure; it does not indicate the presence of actual 
charges. 


Example: 

Calculating Formal Charge from Lewis Structures 

Assign formal charges to each atom in the interhalogen ion IC], . 
Solution 


We divide the bonding electron pairs equally for all I-Cl bonds: 


We assign lone pairs of electrons to their . Each Cl atom now has seven electrons assigned to it, and the I atom 
atoms has eight. 

Subtract this number from the number of I: 7— Cl: 7 —-The sum of the formal charges of all the atoms equals — 
valence electrons for the neutral atom: 8 =-17=0 1, which is identical to the charge of the ion (—1). 


Check Your Learning 


Calculate the formal charge for each atom in the carbon monoxide molecule: 


-C——O. 


Note: 
Answer: 
C=il, Ori 


Example: 

Calculating Formal Charge from Lewis Structures 

Assign formal charges to each atom in the interhalogen molecule BrCl. 
Solution 


Assign one of the electrons in each Br—Cl bond to the Br atom and one to the Cl atom in that 
bond: peak er oa 
=cl—Bi—=Cl. 


>Cl: 
Assign the lone pairs to their atom.Now each Cl atom has seven electrons and the Br atom has seven electrons. 
Subtract this number from the This gives Br: 7 Cl: 7 All 3have a formal charge of zero, and the sum of 
number of valence electrons for the formal —7=—7=atoms the formal charges totals zero, as it must ina 
the neutral atom. charge: 0 O- in BrCl neutral molecule. 
Check Your Learning 


Determine the formal charge for each atom in NCl3. 


Note: 
Answer: 
N: 0; all three Cl atoms: 0 


HG: 
>Cl: 


Using Formal Charge to Predict Molecular Structure 


The arrangement of atoms in a molecule or ion is called its molecular structure. In many cases, following the 
steps for writing Lewis structures may lead to more than one possible molecular structure—different multiple bond 
and lone-pair electron placements or different arrangements of atoms, for instance. A few guidelines involving 


formal charge can be helpful in deciding which of the possible structures is most likely for a particular molecule or 
ion: 


1. A molecular structure in which all formal charges are zero is preferable to one in which some formal charges 
are not zero. 

2. If the Lewis structure must have nonzero formal charges, the arrangement with the smallest nonzero formal 
charges is preferable. 

3. Lewis structures are preferable when adjacent formal charges are zero or of the opposite sign. 

4. When we must choose among several Lewis structures with similar distributions of formal charges, the 
structure with the negative formal charges on the more electronegative atoms is preferable. 


To see how these guidelines apply, let us consider some possible structures for carbon dioxide, CO». We know 
from our previous discussion that the less electronegative atom typically occupies the central position, but formal 
charges allow us to understand why this occurs. We can draw three possibilities for the structure: carbon in the 
center and double bonds, carbon in the center with a single and triple bond, and oxygen in the center with double 
bonds: 


O=c=o :O=C—o: O=O=C Structure 
0 O O +1 O -1 0 +2 -2 Formal charge 


Comparing the three formal charges, we can definitively identify the structure on the left as preferable because it 
has only formal charges of zero (Guideline 1). 


As another example, the thiocyanate ion, an ion formed from a carbon atom, a nitrogen atom, and a sulfur atom, 
could have three different molecular structures: CNS-, NCS’, or CSN-. The formal charges present in each of these 


molecular structures can help us pick the most likely arrangement of atoms. Possible Lewis structures and the 
formal charges for each of the three possible structures for the thiocyanate ion are shown here: 


[:¢=n=s:] [:¢=s=n:] 


Formal charge -1 0O 0 —2 +1 O —2 +2 -1 


Structure : N=c=s :| 


Note that the sum of the formal charges in each case is equal to the charge of the ion (—1). However, the first 
arrangement of atoms is preferred because it has the lowest number of atoms with nonzero formal charges 
(Guideline 2). Also, it places the least electronegative atom in the center, and the negative charge on the more 
electronegative element (Guideline 4). 


Example: 

Using Formal Charge to Determine Molecular Structure 

Nitrous oxide, N»0, commonly known as laughing gas, is used as an anesthetic in minor surgeries, such as the 
routine extraction of wisdom teeth. Which is the likely structure for nitrous oxide? 


N=N =o. oh IN |!OoO|!N 


Solution 
Determining formal charge yields the following: 


:N=N=O: :N=OS=N: 
ace <6 mA ba sat. 


The structure with a terminal oxygen atom best satisfies the criteria for the most stable distribution of formal 
charge: 


:N==N=O: 


The number of atoms with formal charges are minimized (Guideline 2), and there is no formal charge larger than 
one (Guideline 2). This is again consistent with the preference for having the less electronegative atom in the 
central position. 

Check Your Learning 

Which is the most likely molecular structure for the nitrite (NO2~) ion? 


-N=0O—O; or -O=N—O-% 
Note: 
Answer: 
ONO- 
Resonance 


You may have noticed that the nitrite anion in [link] can have two possible structures with the atoms in the same 
positions. The electrons involved in the N—O double bond, however, are in different positions: 


:>O—N= O=N—O: 


If nitrite ions do indeed contain a single and a double bond, we would expect for the two bond lengths to be 
different. A double bond between two atoms is shorter (and stronger) than a single bond between the same two 
atoms. Experiments show, however, that both N—O bonds in NO27 have the same strength and length, and are 
identical in all other properties. 


It is not possible to write a single Lewis structure for NO2~ in which nitrogen has an octet and both bonds are 
equivalent. Instead, we use the concept of resonance: if two or more Lewis structures with the same arrangement 
of atoms can be written for a molecule or ion, the actual distribution of electrons is an average of that shown by 
the various Lewis structures. The actual distribution of electrons in each of the nitrogen-oxygen bonds in NO27 is 
the average of a double bond and a single bond. We call the individual Lewis structures resonance forms. The 
actual electronic structure of the molecule (the average of the resonance forms) is called a resonance hybrid of the 
individual resonance forms. A double-headed arrow between Lewis structures indicates that they are resonance 
forms. Thus, the electronic structure of the NO 7 ion is shown as: 


ee N ee ee N ee 
of >0:|*—*|:0~ Fo 


We should remember that a molecule described as a resonance hybrid never possesses an electronic structure 
described by either resonance form. It does not fluctuate between resonance forms; rather, the actual electronic 
structure is always the average of that shown by all resonance forms. George Wheland, one of the pioneers of 
resonance theory, used a historical analogy to describe the relationship between resonance forms and resonance 
hybrids. A medieval traveler, having never before seen a rhinoceros, described it as a hybrid of a dragon and a 
unicorn because it had many properties in common with both. Just as a rhinoceros is neither a dragon sometimes 
nor a unicorn at other times, a resonance hybrid is neither of its resonance forms at any given time. Like a 
rhinoceros, it is a real entity that experimental evidence has shown to exist. It has some characteristics in common 
with its resonance forms, but the resonance forms themselves are convenient, imaginary images (like the unicorn 
and the dragon). 


The carbonate anion, CO3?-, provides a second example of resonance: 


ee 2— ee 2— 2— 
sO 30% 7O%s 

ee ee CG 

Zz ee —~ * ee ee 

Oo” ~“o: 707 No 107 “Oo: 


One oxygen atom must have a double bond to carbon to complete the octet on the central atom. All oxygen atoms, 
however, are equivalent, and the double bond could form from any one of the three atoms. This gives rise to three 
resonance forms of the carbonate ion. Because we can write three identical resonance structures, we know that the 
actual arrangement of electrons in the carbonate ion is the average of the three structures. Again, experiments show 
that all three C—O bonds are exactly the same. 


Note: 


openstax 
rs) 
aaa 


The online Lewis Structure Make includes many examples to practice drawing resonance structures. 


Key Concepts and Summary 


In a Lewis structure, formal charges can be assigned to each atom by treating each bond as if one-half of the 
electrons are assigned to each atom. These hypothetical formal charges are a guide to determining the most 
appropriate Lewis structure. A structure in which the formal charges are as close to zero as possible is preferred. 
Resonance occurs in cases where two or more Lewis structures with identical arrangements of atoms but different 
distributions of electrons can be written. The actual distribution of electrons (the resonance hybrid) is an average 
of the distribution indicated by the individual Lewis structures (the resonance forms). 


Key Equations 


formal charge = # valence shell electrons (free atom) — # one pair electrons — + # bonding elect 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: Write resonance forms that describe the distribution of electrons in each of these molecules or ions. 
(a) selenium dioxide, OSeO 

(b) nitrate ion, NO3~ 

(c) nitric acid, HNO3 (N is bonded to an OH group and two O atoms) 


(d) benzene, CgH¢: 


(e) the formate ion: 


O 


H—¢—o 


Exercise: 


Problem: Write resonance forms that describe the distribution of electrons in each of these molecules or ions. 
(a) sulfur dioxide, SO» 

(b) carbonate ion, CO37- 

(c) hydrogen carbonate ion, HCO37 (C is bonded to an OH group and two O atoms) 


(d) pyridine: 


(e) the allyl ion: 


H oH 


H—C—C—C—H 


Solution: 


(a) 


(b) 


(c) 


(a) 


:O—S=O: 


H 


C 
\| | <> | || 
Cc CG 
H~ Nc7 Sy H~ No Sy 
| | 
H H 
(e) 
H H H > H H H = 


H—C—C—=C—H —— H—C—C—C—H 


Exercise: 
Problem: 
Write the resonance forms of ozone, O3, the component of the upper atmosphere that protects the Earth from 
ultraviolet radiation. 
Exercise: 
Problem: 


Sodium nitrite, which has been used to preserve bacon and other meats, is an ionic compound. Write the 
resonance forms of the nitrite ion, NO2 . 


Solution: 
F — ee N N ee 
or NO; 6% No:| <M |[:07 No: 
ee O O ee 
For O, “07 No: —_—— > :07 No: 
Exercise: 
Problem: 


In terms of the bonds present, explain why acetic acid, CH3CO>H, contains two distinct types of carbon- 
oxygen bonds, whereas the acetate ion, formed by loss of a hydrogen ion from acetic acid, only contains one 
type of carbon-oxygen bond. The skeleton structures of these species are shown: 


H-—C—C—O0O-—-H ae aie 
H H 
Exercise: 
Problem: 


Write the Lewis structures for the following, and include resonance structures where appropriate. Indicate 
which has the strongest carbon-oxygen bond. 


(a) CO» 
(b) CO 
Solution: 
(a) 
OoO=C=0 
(b) 
>C=0: 


CO has the strongest carbon-oxygen bond because there is a triple bond joining C and O. CO has double 
bonds. 


Exercise: 
Problem: 
Toothpastes containing sodium hydrogen carbonate (sodium bicarbonate) and hydrogen peroxide are widely 


used. Write Lewis structures for the hydrogen carbonate ion and hydrogen peroxide molecule, with resonance 
forms where appropriate. 


Exercise: 
Problem: Determine the formal charge of each element in the following: 
(a) HCl 
(b) CF, 
(c) PCls 
(d) PF; 
Solution: 


(a) H: 0, Cl: 0; (b) C: 0, F: 0; (c) P: 0, Cl 0; (d) P: 0, F:0 


Exercise: 


Problem: Determine the formal charge of each element in the following: 
(a) H30* 
(b) SO4?- 
(c) NH3 
(d) O27 
(e) H202 
Exercise: 
Problem: Calculate the formal charge of chlorine in the molecules Clo, BeClo, and CIFs. 
Solution: 
Cl in Cl»: 0; Cl in BeCly: 0; Cl in CIFs: 0 
Exercise: 
Problem: Calculate the formal charge of each element in the following compounds and ions: 
(a) FxCO 
(b) NO™ 
(c) BF” 
(d) SnCl3~ 
(e) HyCCH2 
(f) CIF3 
(g) SeFs 


(h) PO.” 
Exercise: 


Problem: 


Draw all possible resonance structures for each of these compounds. Determine the formal charge on each 
atom in each of the resonance structures: 


(a) O3 
(b) SO, 
(c) NO2- 
(d) NOs” 
Solution: 


(a) 


Formal charge: OO +1 


(b) 


-O—S =O 
Formal charge: -1 +1 0O 
(c) 
N 
ar, 
Or 20. 
Formal charge: O O -1 
(d) 
7 
<> 
aN. 
O: .O. 
Formal charge: 0O -1 
Exercise: 
Problem: 


<—_——> 


=f: 44) “0 
O=S—oO: 
O +1 -1 
N 
—~ e 
0 lass 
10 0 
soe 
<—_———> 
Nwt1 
‘ a 
[o-  50° 
—1 0 


Based on formal charge considerations, which of the following would likely be the correct arrangement of 


atoms in nitrosyl chloride: CINO or CION? 
Exercise: 


Problem: 


Based on formal charge considerations, which of the following would likely be the correct arrangement of 


atoms in hypochlorous acid: HOC! or OCIH? 
Solution: 


HOCI 
Exercise: 


Problem: 


Based on formal charge considerations, which of the following would likely be the correct arrangement of 


atoms in sulfur dioxide: OSO or SOO? 


Exercise: 


Problem: 


Draw the structure of hydroxylamine, H3NO, and assign formal charges; look up the structure. Is the actual 
structure consistent with the formal charges? 


Solution: 


The structure that gives zero formal charges is consistent with the actual structure: 


j 
N. .. LH 
H~ oon O~ 
Exercise: 
Problem: 


Iodine forms a series of fluorides (listed here). Write Lewis structures for each of the four compounds and 
determine the formal charge of the iodine atom in each molecule: 


(a) IF 
(b) IF 
(c) IFs 


(d) IF, 

Exercise: 
Problem: 
Write the Lewis structure and chemical formula of the compound with a molar mass of about 70 g/mol that 
contains 19.7% nitrogen and 80.3% fluorine by mass, and determine the formal charge of the atoms in this 
compound. 


Solution: 


Exercise: 


Problem: Which of the following structures would we expect for nitrous acid? Determine the formal charges: 


>O—N=O or H—O—N=O 


Exercise: 
Problem: 
Sulfuric acid is the industrial chemical produced in greatest quantity worldwide. About 90 billion pounds are 


produced each year in the United States alone. Write the Lewis structure for sulfuric acid, H»SO4, which has 
two oxygen atoms and two OH groups bonded to the sulfur. 


Solution: 
_ 
H—O—S=O: 
l| 
Glossary 


formal charge 
charge that would result on an atom by taking the number of valence electrons on the neutral atom and 
subtracting the nonbonding electrons and the number of bonds (one-half of the bonding electrons) 


molecular structure 
arrangement of atoms in a molecule or ion 


resonance 
situation in which one Lewis structure is insufficient to describe the bonding in a molecule and the average of 
multiple structures is observed 


resonance forms 
two or more Lewis structures that have the same arrangement of atoms but different arrangements of electrons 


resonance hybrid 
average of the resonance forms shown by the individual Lewis structures 


Strengths of Ionic and Covalent Bonds 
By the end of this section, you will be able to: 


e Describe the energetics of covalent and ionic bond formation and breakage 
e Use the Born-Haber cycle to compute lattice energies for ionic compounds 
e Use average covalent bond energies to estimate enthalpies of reaction 


A bond’s strength describes how strongly each atom is joined to another atom, and therefore how much energy is 
required to break the bond between the two atoms. In this section, you will learn about the bond strength of 
covalent bonds, and then compare that to the strength of ionic bonds, which is related to the lattice energy of a 
compound. 


Bond Strength: Covalent Bonds 


Stable molecules exist because covalent bonds hold the atoms together. We measure the strength of a covalent 
bond by the energy required to break it, that is, the energy necessary to separate the bonded atoms. Separating any 
pair of bonded atoms requires energy (see [link]). The stronger a bond, the greater the energy required to break it. 


The energy required to break a specific covalent bond in one mole of gaseous molecules is called the bond energy 
or the bond dissociation energy. The bond energy for a diatomic molecule, Dx_y, is defined as the standard 
enthalpy change for the endothermic reaction: 

Equation: 


XY (g) —+ X(g) + ¥ (9) Dx-y = AH” 


For example, the bond energy of the pure covalent H—H bond, Dy_y, is 436 kJ per mole of H—-H bonds broken: 
Equation: 


H2(g) — 2H (g) Dy_y = AH’ = 436kJ 


Molecules with three or more atoms have two or more bonds. The sum of all bond energies in such a molecule is 
equal to the standard enthalpy change for the endothermic reaction that breaks all the bonds in the molecule. For 
example, the sum of the four C-H bond energies in CHy, 1660 kJ, is equal to the standard enthalpy change of the 
reaction: 


H 
Hog) —> Cig) + 4H) AH? = 1660 kJ 


H 


The average C—H bond energy, Dc_y, is 1660/4 = 415 kJ/mol because there are four moles of C—H bonds broken 
per mole of the reaction. Although the four C—H bonds are equivalent in the original molecule, they do not each 
require the same energy to break; once the first bond is broken (which requires 439 kJ/mol), the remaining bonds 
are easier to break. The 415 kJ/mol value is the average, not the exact value required to break any one bond. 


The strength of a bond between two atoms increases as the number of electron pairs in the bond increases. 
Generally, as the bond strength increases, the bond length decreases. Thus, we find that triple bonds are stronger 
and shorter than double bonds between the same two atoms; likewise, double bonds are stronger and shorter than 
single bonds between the same two atoms. Average bond energies for some common bonds appear in [link], and a 
comparison of bond lengths and bond strengths for some common bonds appears in [link]. When one atom bonds 
to various atoms in a group, the bond strength typically decreases as we move down the group. For example, C—F 
is 439 kJ/mol, C-Cl is 330 kJ/mol, and C—Br is 275 kJ/mol. 


Bond Energies (kJ/mol) 


Bond 


H-H 


H-C 


H-N 


Bond Energy 
436 
415 
390 
464 
569 
395 
320 
340 
432 
370 
295 
345 
611 
837 
290 
615 
891 
350 
741 
1080 
439 
360 


265 


Bond Energy 
260 
330 
275 
240 
160 
418 
946 
200 
270 
210 
200 
245 
140 
498 
160 
370 
350 
205 
200 
160 
540 
489 


285 


Bond 


Bond Energy 
255 
235 
230 
215 
225 
359 
290 
215 
215 
230 
330 
270 
215 
215 
250 
215 
243 
220 
210 
190 
180 


150 


Average Bond Lengths and Bond Energies for Some Common Bonds 


Bond Bond Length (A) Bond Energy (kJ/mol) 
C-C 1.54 345 

C=C 1.34 611 

C=C 1.20 837 

C-N 1.43 290 

C=N 1.38 615 

C=N 1.16 891 

C-O 1.43 350 

C=O 1.23 741 

C=O 1.13 1080 


We can use bond energies to calculate approximate enthalpy changes for reactions where enthalpies of formation 
are not available. Calculations of this type will also tell us whether a reaction is exothermic or endothermic. An 
exothermic reaction (AH negative, heat produced) results when the bonds in the products are stronger than the 
bonds in the reactants. An endothermic reaction (AH positive, heat absorbed) results when the bonds in the 
products are weaker than those in the reactants. 


The enthalpy change, AH, for a chemical reaction is approximately equal to the sum of the energy required to 
break all bonds in the reactants (energy “in”, positive sign) plus the energy released when all bonds are formed in 
the products (energy “out,” negative sign). This can be expressed mathematically in the following way: 
Equation: 


AH = ED ioads broken — 2D ponds formed 


In this expression, the symbol 2 means “the sum of” and D represents the bond energy in kilojoules per mole, 
which is always a positive number. The bond energy is obtained from a table (like [link]) and will depend on 
whether the particular bond is a single, double, or triple bond. Thus, in calculating enthalpies in this manner, it is 
important that we consider the bonding in all reactants and products. Because D values are typically averages for 
one type of bond in many different molecules, this calculation provides a rough estimate, not an exact value, for 
the enthalpy of reaction. 


Consider the following reaction: 
Equation: 


H2(g) + Clo(g) —> 2HCI(g) 
or 
Equation: 


H-H (g) + Cl-Cl(g) —+ 2H-Cl(g) 


To form two moles of HCl, one mole of H—-H bonds and one mole of Cl—Cl bonds must be broken. The energy 
required to break these bonds is the sum of the bond energy of the H-H bond (436 kJ/mol) and the CI-Cl bond 
(243 kJ/mol). During the reaction, two moles of H—Cl bonds are formed (bond energy = 432 kJ/mol), releasing 2 x 
432 kJ; or 864 kJ. Because the bonds in the products are stronger than those in the reactants, the reaction releases 
more energy than it consumes: 

Equation: 


AH = 2D panda broken 2D ends formed 
AH [Du-n +Da_al] — 2Dy-a 
= [436 + 243] — 2(432) = —185 kJ 


This excess energy is released as heat, so the reaction is exothermic. Appendix G gives a value for the standard 


molar enthalpy of formation of HCl(g), AH, , of 92.307 kJ/mol. Twice that value is -184.6 kJ, which agrees well 
with the answer obtained earlier for the formation of two moles of HCl. 


Example: 

Using Bond Energies to Calculate Approximate Enthalpy Changes 

Methanol, CH30H, may be an excellent alternative fuel. The high-temperature reaction of steam and carbon 
produces a mixture of the gases carbon monoxide, CO, and hydrogen, Hy», from which methanol can be produced. 
Using the bond energies in [link], calculate the approximate enthalpy change, AH, for the reaction here: 
Equation: 


CO (g) + 2H2(g) —> CH30H (g) 


Solution 
First, we need to write the Lewis structures of the reactants and the products: 


From this, we see that AH for this reaction involves the energy required to break a C—O triple bond and two H—H 
single bonds, as well as the energy produced by the formation of three C—H single bonds, a C—O single bond, and 
an O-H single bond. We can express this as follows: 

Equation: 


AH = 2D youde broken 20 eas formed 
AH = [Dczo + 2(Du-n)] — [3 (Dc-n) + De-o + Do-al] 


Using the bond energy values in [link], we obtain: 
Equation: 
AH =[1080 + 2 (436)] — [3 (415) + 350 4+ 464] 
= —107kJ 


We can compare this value to the value calculated based on AH, data from Appendix G: 
Equation: 


AH = [AH,CH;OH(g)] — [AH,;CO(g) +2 x AH; Hy] 
[-201.0] — [-110.52+2 x 0] 
= -90.5 kJ 


Note that there is a fairly significant gap between the values calculated using the two different methods. This 
occurs because D values are the average of different bond strengths; therefore, they often give only rough 
agreement with other data. 

Check Your Learning 

Ethyl alcohol, CH3CH2OH, was one of the first organic chemicals deliberately synthesized by humans. It has 
many uses in industry, and it is the alcohol contained in alcoholic beverages. It can be obtained by the 
fermentation of sugar or synthesized by the hydration of ethylene in the following reaction: 


H H H H 


H H H H H 


Using the bond energies in [link], calculate an approximate enthalpy change, AH, for this reaction. 


Note: 
Answer: 
—35 kJ 


Ionic Bond Strength and Lattice Energy 


An ionic compound is stable because of the electrostatic attraction between its positive and negative ions. The 
lattice energy of a compound is a measure of the strength of this attraction. The lattice energy (AH |attice) of an 
ionic compound is defined as the energy required to separate one mole of the solid into its component gaseous 
ions. For the ionic solid MX, the lattice energy is the enthalpy change of the process: 

Equation: 


MX (s) —~ M"t (9) + x" (9) A Fuattice 


Note that we are using the convention where the ionic solid is separated into ions, so our lattice energies will be 
endothermic (positive values). Some texts use the equivalent but opposite convention, defining lattice energy as 
the energy released when separate ions combine to form a lattice and giving negative (exothermic) values. Thus, if 
you are looking up lattice energies in another reference, be certain to check which definition is being used. In both 
cases, a larger magnitude for lattice energy indicates a more stable ionic compound. For sodium chloride, AMjattice 
= 769 kJ. Thus, it requires 769 kJ to separate one mole of solid NaCl into gaseous Na* and Cl ions. When one 
mole each of gaseous Na* and Cl ions form solid NaCl, 769 kJ of heat is released. 


The lattice energy AHjattice of an ionic crystal can be expressed by the following equation (derived from Coulomb’s 
law, governing the forces between electric charges): 
Equation: 


CO (Z") (2) 


AH lattice — R 


in which C is a constant that depends on the type of crystal structure; Z* and Z~ are the charges on the ions; and Ry 
is the interionic distance (the sum of the radii of the positive and negative ions). Thus, the lattice energy of an ionic 
crystal increases rapidly as the charges of the ions increase and the sizes of the ions decrease. When all other 
parameters are kept constant, doubling the charge of both the cation and anion quadruples the lattice energy. For 
example, the lattice energy of LiF (Z* and Z~ = 1) is 1023 kJ/mol, whereas that of MgO (Z* and Z~ = 2) is 3900 
kJ/mol (Rg is nearly the same—about 200 pm for both compounds). 


Different interatomic distances produce different lattice energies. For example, we can compare the lattice energy 
of MgF> (2957 kJ/mol) to that of MgIy (2327 kJ/mol) to observe the effect on lattice energy of the smaller ionic 
size of F- as compared to I. 


Example: 

Lattice Energy Comparisons 

The precious gem ruby is aluminum oxide, Al,O3, containing traces of Cr**. The compound Al,Se3 is used in the 
fabrication of some semiconductor devices. Which has the larger lattice energy, AlyO3 or AlpSe3? 

Solution 

In these two ionic compounds, the charges Z* and Z~ are the same, so the difference in lattice energy will depend 
upon R,. The O7~ ion is smaller than the Se*~ ion. Thus, Al,O3 would have a shorter interionic distance than 
Al,Se3, and Al,O3 would have the larger lattice energy. 

Check Your Learning 

Zinc oxide, ZnO, is a very effective sunscreen. How would the lattice energy of ZnO compare to that of NaCl? 


Note: 

Answer: 

ZnO would have the larger lattice energy because the Z values of both the cation and the anion in ZnO are 
greater, and the interionic distance of ZnO is smaller than that of NaCl. 


The Born-Haber Cycle 


It is not possible to measure lattice energies directly. However, the lattice energy can be calculated using the 
equation given in the previous section or by using a thermochemical cycle. The Born-Haber cycle is an 
application of Hess’s law that breaks down the formation of an ionic solid into a series of individual steps: 


AH, , the standard enthalpy of formation of the compound 
IE, the ionization energy of the metal 
EA, the electron affinity of the nonmetal 


AH, , the enthalpy of sublimation of the metal 
D, the bond dissociation energy of the nonmetal 
APhattice the lattice energy of the compound 


[link] diagrams the Born-Haber cycle for the formation of solid cesium fluoride. 


Cs*(g) +F(g) 


1 _ 
Cs'(g)+ 1 F,(g) $D = 79.4 kJ/mol 


IE = 375.7 kJ/mol 


Do 
= Cs(g) + 3 Fa(g) 
s 1 AH? = 76.5 kJ/mol 
3 Cs(s) + 5 F2(9) 
=| o 
x| 2 AHP= 
. —553.5 kJ/mol 
o 
g 
® 
> 
O 


EA = -328.2 kJ/mol 


Cs*(g) + F-(g) 


—AH yattice = -756.9 kJ/mol 


CsF(s) 


The Born-Haber cycle shows the relative energies of each step involved in the formation of an ionic solid 


from the necessary elements in their reference states. 


We begin with the elements in their most common states, Cs(s) and F(g). The AH, 


represents the conversion of 


solid cesium into a gas, and then the ionization energy converts the gaseous cesium atoms into cations. In the next 
step, we account for the energy required to break the F—F bond to produce fluorine atoms. Converting one mole of 
fluorine atoms into fluoride ions is an exothermic process, so this step gives off energy (the electron affinity) and is 
shown as decreasing along the y-axis. We now have one mole of Cs cations and one mole of F anions. These ions 
combine to produce solid cesium fluoride. The enthalpy change in this step is the negative of the lattice energy, so 
it is also an exothermic quantity. The total energy involved in this conversion is equal to the experimentally 


determined enthalpy of formation, AH, , of the compound from its elements. In this case, the overall change is 


exothermic. 


Hess’s law can also be used to show the relationship between the enthalpies of the individual steps and the 


enthalpy of formation. [link] shows this for fluoride, CsF. 


Enthalpy of 
sublimation Cs(s) —> Cs(g) 
of Cs(s) 


One-half of 
h 
the pend + F2(g) —> F(g) 


energy of 
Fy 


AH = AH, = 76.5kJ; 


AH = 1 D=79.4kJ/ 


Ionization Cs(g) —> Cs*(g)+e7 AH = IE = 375.7kJ/1 
energy of 
Cs(g) 


Negative of 
the electron 
affinity of 
F 


F(g)+e —> F (g) AH = —EA = —328.2 


Negative of 

the lattice + - a een? 
energy of Cs (9) ¥ F (9) oi CsF (s) AH = A Miattice = 
CsF(s) 


Enthalpy of ; ; 
formation 1 

AH = AH, = AH, + +> D+IJIE+ (-EA) + (—Adiattice 
of CsF(s), ; f 8 2 ( aed lattice ) 
add steps Cs(s) + + F2(g) —> CsF(s) 
1-5 


AH = —553.5kJ /mol 


Thus, the lattice energy can be calculated from other values. For cesium fluoride, using this data, the lattice energy 
is: 
Equation: 


A Fhiattice = (553.5 + 76.5 + 79.4 + 375.7 + 328.2) kJ/mol = 1413.3kJ/mol 


The Born-Haber cycle may also be used to calculate any one of the other quantities in the equation for lattice 


energy, provided that the remainder is known. For example, if the relevant enthalpy of sublimation AZ, , 
ionization energy (IE), bond dissociation enthalpy (D), lattice energy AMjatice, and standard enthalpy of formation 


AH, are known, the Born-Haber cycle can be used to determine the electron affinity of an atom. 


Lattice energies calculated for ionic compounds are typically much higher than bond dissociation energies 
measured for covalent bonds. Whereas lattice energies typically fall in the range of 600-4000 kJ/mol (some even 
higher), covalent bond dissociation energies are typically between 150-400 kJ/mol for single bonds. Keep in mind, 
however, that these are not directly comparable values. For ionic compounds, lattice energies are associated with 
many interactions, as cations and anions pack together in an extended lattice. For covalent bonds, the bond 
dissociation energy is associated with the interaction of just two atoms. 


Key Concepts and Summary 


The strength of a covalent bond is measured by its bond dissociation energy, that is, the amount of energy required 
to break that particular bond in a mole of molecules. Multiple bonds are stronger than single bonds between the 
same atoms. The enthalpy of a reaction can be estimated based on the energy input required to break bonds and the 
energy released when new bonds are formed. For ionic bonds, the lattice energy is the energy required to separate 
one mole of a compound into its gas phase ions. Lattice energy increases for ions with higher charges and shorter 
distances between ions. Lattice energies are often calculated using the Born-Haber cycle, a thermochemical cycle 
including all of the energetic steps involved in converting elements into an ionic compound. 


Key Equations 


¢ Bond energy for a diatomic molecule: XY (g) —> X(g)+ Y (g) Dxy_y = AH’ 
: Enthalpy change: AH = 2Dbonds broken — 2Dponds formed 
* Lattice energy for a solid MX: MX (s) —> M”*(g) + X” (g) A Arattice 


C(2*) (2°) 


e Lattice energy for an ionic crystal: A Mattice = 7 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: Which bond in each of the following pairs of bonds is the strongest? 
(a)C-CorC =C 

(b) C-NorC =N 

(jC =OorCc =O 

(d) H-F or H-Cl 

(e) C-H or O-H 


(f) C-N or C—O 
Exercise: 


Problem: 


Using the bond energies in [link], determine the approximate enthalpy change for each of the following 
reactions: 


(a) H2(g) + Bro(g) —+ 2HBr (9) 

(b) CH4(g) + In(g) —> CHaI(g) + HI(g) 

(c) C2Ha(g) + 302(9) —> 2CO2(g) + 2H20 (9) 
Solution: 

(a) -114 kJ; 


(b) 30 kJ; 
(c) -1055 kJ 


Exercise: 


Problem: 


Using the bond energies in [link], determine the approximate enthalpy change for each of the following 
reactions: 


(a) Clo(g) + 3F2(g) —> 2CIF3(g) 


(c) 2C2H6(g) + 702(g) —+ 4CO2(g) + 6H20 (9) 
Exercise: 
Problem: 


When a molecule can form two different structures, the structure with the stronger bonds is usually the more 
stable form. Use bond energies to predict the correct structure of the hydroxylamine molecule: 


Solution: 


The greater bond energy is in the figure on the left. It is the more stable form. 


Exercise: 


Problem: How does the bond energy of HCl(g) differ from the standard enthalpy of formation of HCl(g)? 
Exercise: 


Problem: 


Using the standard enthalpy of formation data in Appendix G, show how the standard enthalpy of formation 
of HCl(g) can be used to determine the bond energy. 


Solution: 

HCl (9) —> + Ha(9) + 5 Cha(g) AH, = —Afgucyg) 

5 Ho(g) —> H(9) AH, = Aggy) 

x Ch(g) — Cl(g) AH; = AH gcyg) 

HCl(g) —> H(g) + Cl(g) AH yoy = AH, + AH, + AH, 


Dua = AA = AA yc) + AA gg) + AA cxg) 


= —(—92.307kJ) + 217.97kJ + 121.3kJ 
= 431.6kJ 
Exercise: 


Problem: 


Using the standard enthalpy of formation data in Appendix G, calculate the bond energy of the carbon-sulfur 
double bond in CS. 


Exercise: 


Problem: 


Using the standard enthalpy of formation data in Appendix G, determine which bond is stronger: the S—F 
bond in SF4(g) or in SF¢(g)? 


Solution: 


The S—F bond in SF, is stronger. 


Exercise: 


Problem: 


Using the standard enthalpy of formation data in Appendix G, determine which bond is stronger: the P—Cl 
bond in PCl3(g) or in PCl.(g)? 


Exercise: 


Problem: 


Complete the following Lewis structure by adding bonds (not atoms), and then indicate the longest bond: 


H H H H 


Solution: 


H H H 


| | | | 
i ia 
H 


H 


The C-C single bonds are longest. 
Exercise: 
Problem: 


Use the bond energy to calculate an approximate value of AH for the following reaction. Which is the more 
stable form of FNO,? 


tT 
=N—O: —~> =N—O—F: 
Exercise: 


Problem: Use principles of atomic structure to answer each of the following:[ footnote] 
This question is taken from the Chemistry Advanced Placement Examination and is used with the permission 
of the Educational Testing Service. 


(a) The radius of the Ca atom is 197 pm; the radius of the Ca** ion is 99 pm. Account for the difference. 


(b) The lattice energy of CaO(s) is -3460 kJ/mol; the lattice energy of KO is —-2240 kJ/mol. Account for the 
difference. 


(c) Given these ionization values, explain the difference between Ca and K with regard to their first and 
second ionization energies. 


Element First Ionization Energy (kJ/mol) Second Ionization Energy (kJ/mol) 
K 419 3050 
Ca 590 1140 


(d) The first ionization energy of Mg is 738 kJ/mol and that of Al is 578 kJ/mol. Account for this difference. 
Solution: 


(a) When two electrons are removed from the valence shell, the Ca radius loses the outermost energy level 
and reverts to the lower n = 3 level, which is much smaller in radius. (b) The +2 charge on calcium pulls the 
oxygen much closer compared with K, thereby increasing the lattice energy relative to a less charged ion. (c) 
Removal of the 4s electron in Ca requires more energy than removal of the 4s electron in K because of the 
stronger attraction of the nucleus and the extra energy required to break the pairing of the electrons. The 
second ionization energy for K requires that an electron be removed from a lower energy level, where the 
attraction is much stronger from the nucleus for the electron. In addition, energy is required to unpair two 
electrons in a full orbital. For Ca, the second ionization potential requires removing only a lone electron in the 
exposed outer energy level. (d) In Al, the removed electron is relatively unprotected and unpaired in a p 
orbital. The higher energy for Mg mainly reflects the unpairing of the 2s electron. 


Exercise: 


Problem: 


The lattice energy of LiF is 1023 kJ/mol, and the Li-F distance is 200.8 pm. NaF crystallizes in the same 
structure as LiF but with a Na-F distance of 231 pm. Which of the following values most closely 
approximates the lattice energy of NaF: 510, 890, 1023, 1175, or 4090 kJ/mol? Explain your choice. 


Exercise: 


Problem: 


For which of the following substances is the least energy required to convert one mole of the solid into 
separate ions? 


(a) MgO 
(b) SrO 
(c) KF 
(d) CsF 
(e) MgFo 
Solution: 


(d) 


Exercise: 


Problem: 

The reaction of a metal, M, with a halogen, X», proceeds by an exothermic reaction as indicated by this 
equation: M (s) + X2(g) —+ MX2(s). For each of the following, indicate which option will make the 
reaction more exothermic. Explain your answers. 

(a) a large radius vs. a small radius for M*? 

(b) a high ionization energy vs. a low ionization energy for M 

(c) an increasing bond energy for the halogen 


(d) a decreasing electron affinity for the halogen 


(e) an increasing size of the anion formed by the halogen 

Exercise: 
Problem: 
The lattice energy of LiF is 1023 kJ/mol, and the Li-F distance is 201 pm. MgO crystallizes in the same 
structure as LiF but with a Mg—O distance of 205 pm. Which of the following values most closely 
approximates the lattice energy of MgO: 256 kJ/mol, 512 kJ/mol, 1023 kJ/mol, 2046 kJ/mol, or 4008 kJ/mol? 
Explain your choice. 


Solution: 


4008 kJ/mol; both ions in MgO have twice the charge of the ions in LiF; the bond length is very similar and 
both have the same structure; a quadrupling of the energy is expected based on the equation for lattice energy 


Exercise: 


Problem: 


Which compound in each of the following pairs has the larger lattice energy? Note: Mg** and Li* have 
similar radii; O7- and F~ have similar radii. Explain your choices. 


(a) MgO or MgSe 
(b) LiF or MgO 
(c) Li,O or LiCl 
(d) LipSe or MgO 
Exercise: 
Problem: Which compound in each of the following pairs has the larger lattice energy? Note: Ba** and 
K* have similar radii; S*~ and Cl- have similar radii. Explain your choices. 
(a) K2O or NayO 
(b) K2S or BaS 
(c) KCl or BaS 


(d) BaS or BaCl> 


Solution: 


(a) Na,O; Na* has a smaller radius than K*; (b) BaS; Ba has a larger charge than K; (c) BaS; Ba and S have 
larger charges; (d) BaS; S has a larger charge 


Exercise: 


Problem: 


Which of the following compounds requires the most energy to convert one mole of the solid into separate 
ions? 


(a) MgO 
(b) SrO 
(c) KF 
(d) CsF 


(e) MgFo 
Exercise: 


Problem: 


Which of the following compounds requires the most energy to convert one mole of the solid into separate 
ions? 


(a) KyS 
(b) K3,0 
(c) CaS 
(d) Cs2S 
(e) CaO 
Solution: 
(e) 
Exercise: 
Problem: The lattice energy of KF is 794 kJ/mol, and the interionic distance is 269 pm. The Na—F 
distance in NaF, which has the same structure as KF, is 231 pm. Which of the following values is the closest 
approximation of the lattice energy of NaF: 682 kJ/mol, 794 kJ/mol, 924 kJ/mol, 1588 kJ/mol, or 3175 
kJ/mol? Explain your answer. 
Glossary 


bond energy 
(also, bond dissociation energy) energy required to break a covalent bond in a gaseous substance 


Born-Haber cycle 
thermochemical cycle relating the various energetic steps involved in the formation of an ionic solid from the 
relevant elements 


lattice energy (AM attice) 
energy required to separate one mole of an ionic solid into its component gaseous ions 


Valence Bond Theory 
By the end of this section, you will be able to: 


e Describe the formation of covalent bonds in terms of atomic orbital overlap 
e Define and give examples of o and m bonds 


As we know, a scientific theory is a strongly supported explanation for observed 
natural laws or large bodies of experimental data. For a theory to be accepted, it must 
explain experimental data and be able to predict behavior. For example, VSEPR 
theory has gained widespread acceptance because it predicts three-dimensional 
molecular shapes that are consistent with experimental data collected for thousands 
of different molecules. However, VSEPR theory does not provide an explanation of 
chemical bonding. 


There are successful theories that describe the electronic structure of atoms. We can 
use quantum mechanics to predict the specific regions around an atom where 
electrons are likely to be located: A spherical shape for an s orbital, a dumbbell shape 
for a p orbital, and so forth. However, these predictions only describe the orbitals 
around free atoms. When atoms bond to form molecules, atomic orbitals are not 
sufficient to describe the regions where electrons will be located in the molecule. A 
more complete understanding of electron distributions requires a model that can 
account for the electronic structure of molecules. One popular theory holds that a 
covalent bond forms when a pair of electrons is shared by two atoms and is 
simultaneously attracted by the nuclei of both atoms. In the following sections, we 
will discuss how such bonds are described by valence bond theory and hybridization. 


Valence bond theory describes a covalent bond as the overlap of half-filled atomic 
orbitals (each containing a single electron) that yield a pair of electrons shared 
between the two bonded atoms. We say that orbitals on two different atoms overlap 
when a portion of one orbital and a portion of a second orbital occupy the same 
region of space. According to valence bond theory, a covalent bond results when two 
conditions are met: (1) an orbital on one atom overlaps an orbital on a second atom 
and (2) the single electrons in each orbital combine to form an electron pair. The 
mutual attraction between this negatively charged electron pair and the two atoms’ 
positively charged nuclei serves to physically link the two atoms through a force we 
define as a covalent bond. The strength of a covalent bond depends on the extent of 
overlap of the orbitals involved. Orbitals that overlap extensively form bonds that are 
stronger than those that have less overlap. 


The energy of the system depends on how much the orbitals overlap. [link] illustrates 
how the sum of the energies of two hydrogen atoms (the colored curve) changes as 
they approach each other. When the atoms are far apart there is no overlap, and by 


convention we set the sum of the energies at zero. As the atoms move together, their 
orbitals begin to overlap. Each electron begins to feel the attraction of the nucleus in 
the other atom. In addition, the electrons begin to repel each other, as do the nuclei. 
While the atoms are still widely separated, the attractions are slightly stronger than 
the repulsions, and the energy of the system decreases. (A bond begins to form.) As 
the atoms move closer together, the overlap increases, so the attraction of the nuclei 
for the electrons continues to increase (as do the repulsions among electrons and 
between the nuclei). At some specific distance between the atoms, which varies 
depending on the atoms involved, the energy reaches its lowest (most stable) value. 
This optimum distance between the two bonded nuclei is the bond distance between 
the two atoms. The bond is stable because at this point, the attractive and repulsive 
forces combine to create the lowest possible energy configuration. If the distance 
between the nuclei were to decrease further, the repulsions between nuclei and the 
repulsions as electrons are confined in closer proximity to each other would become 
stronger than the attractive forces. The energy of the system would then rise (making 
the system destabilized), as shown at the far left of [link]. 


Atoms begin to interact Sufficiently far apart 
as they move closer together to have no interaction 


* * 


Optimum distance to 
achieve lowest overall 
energy of system 


Energy (J) 


0 74 


‘ internuclear distance (pm) 
(H—H bond length) 


(a) The interaction of two hydrogen atoms changes as a function of distance. (b) 
The energy of the system changes as the atoms interact. The lowest (most 
stable) energy occurs at a distance of 74 pm, which is the bond length observed 
for the Hy molecule. 


The bond energy is the difference between the energy minimum (which occurs at the 
bond distance) and the energy of the two separated atoms. This is the quantity of 
energy released when the bond is formed. Conversely, the same amount of energy is 
required to break the bond. For the Hy molecule shown in [link], at the bond distance 
of 74 pm the system is 7.24 x 10°!9 J lower in energy than the two separated 
hydrogen atoms. This may seem like a small number. However, we know from our 
earlier description of thermochemistry that bond energies are often discussed on a 
per-mole basis. For example, it requires 7.24 x 10°! J to break one H—-H bond, but it 
takes 4.36 x 10° J to break 1 mole of H-H bonds. A comparison of some bond 
lengths and energies is shown in [link]. We can find many of these bonds in a variety 
of molecules, and this table provides average values. For example, breaking the first 
C-H bond in CH, requires 439.3 kJ/mol, while breaking the first C-H bond in H— 
CH»Cg.Hs (a common paint thinner) requires 375.5 kJ/mol. 


Representative Bond Energies and Lengths 


Length Energy Length Energy 
Bond (pm) (kJ/mol) Bond (pm) (kJ/mol) 
H-H 74 436 C-O 140.1 358 
H-C 106.8 413 C=O 119.7 745 
H-N 101.5 391 C=O 113.7 1072 
H-O 97.5 467 H-Cl 127.5 431 


C-C 150.6 347 H-Br 141.4 366 


Representative Bond Energies and Lengths 


Length Energy Length Energy 
Bond (pm) (kJ/mol) Bond (pm) (kJ/mol) 
C=C 133.5 614 H-I 160.9 298 
C=C 120.8 839 O-O 148 146 
C-N 142.1 305 O=O 120.8 498 
C=N 130.0 615 F-F 141.2 159 
C=N 116.1 891 Cl-Cl 198.8 243 


In addition to the distance between two orbitals, the orientation of orbitals also 
affects their overlap (other than for two s orbitals, which are spherically symmetric). 
Greater overlap is possible when orbitals are oriented such that they overlap on a 
direct line between the two nuclei. [link] illustrates this for two p orbitals from 
different atoms; the overlap is greater when the orbitals overlap end to end rather 
than at an angle. 


One ge 


(a) (b) 


(a) The overlap of two p orbitals is greatest when the orbitals are directed 
end to end. (b) Any other arrangement results in less overlap. The dots 
indicate the locations of the nuclei. 


The overlap of two s orbitals (as in H>), the overlap of an s orbital and a p orbital (as 
in HCl), and the end-to-end overlap of two p orbitals (as in Cl5) all produce sigma 
bonds (o bonds), as illustrated in [link]. A o bond is a covalent bond in which the 
electron density is concentrated in the region along the internuclear axis; that is, a 
line between the nuclei would pass through the center of the overlap region. Single 
bonds in Lewis structures are described as o bonds in valence bond theory. 


oa gv Qdwi 
(a) (b) (c) 


a 


Sigma (o) bonds form from the overlap of the following: (a) two s orbitals, 
(b) an s orbital and a p orbital, and (c) two p orbitals. The dots indicate the 
locations of the nuclei. 


A pi bond (1 bond) is a type of covalent bond that results from the side-by-side 
overlap of two p orbitals, as illustrated in [link]. In a m bond, the regions of orbital 
overlap lie on opposite sides of the internuclear axis. Along the axis itself, there is a 
node, that is, a plane with no probability of finding an electron. 


Pi (mt) bonds form from the side- 
by-side overlap of two p orbitals. 


The dots indicate the location of 
the nuclei. 


While all single bonds are o bonds, multiple bonds consist of both o and m bonds. As 
the Lewis structures below suggest, O» contains a double bond, and N> contains a 
triple bond. The double bond consists of one o bond and one mt bond, and the triple 
bond consists of one o bond and two m bonds. Between any two atoms, the first bond 
formed will always be a o bond, but there can only be one o bond in any one 
location. In any multiple bond, there will be one o bond, and the remaining one or 
two bonds will be m bonds. These bonds are described in more detail later in this 
chapter. 


H—Cl: :O=0: -N=N: 


One o bond One o bond One o bond 
No z bonds One zt bond Two zt bonds 


As seen in [link], an average carbon-carbon single bond is 347 kJ/mol, while in a 
carbon-carbon double bond, the m bond increases the bond strength by 267 kJ/mol. 
Adding an additional m bond causes a further increase of 225 kJ/mol. We can see a 
similar pattern when we compare other o and m bonds. Thus, each individual nm bond 
is generally weaker than a corresponding o bond between the same two atoms. In ao 
bond, there is a greater degree of orbital overlap than in a m bond. 


Example: 
Counting o and 1m Bonds 


H H 


| | 
Cr LCN 
a Sew \¢ 


H H 


H 
4 a“ 


Butadiene, C4Hg, is used to make synthetic rubber. Identify the number of o and 1 
bonds contained in this molecule. 

Solution 

There are six o C—H bonds and one o C-C bond, for a total of seven from the single 
bonds. There are two double bonds that each have a nm bond in addition to the o 
bond. This gives a total nine o and two m bonds overall. 

Check Your Learning 

Identify each illustration as depicting a o or m bond: 

(a) side-by-side overlap of a 4p and a 2p orbital 

(b) end-to-end overlap of a 4p and 4p orbital 

(c) end-to-end overlap of a 4p and a 2p orbital 


> WD 


(a) (b) (c) 


Note: 

Answer: 

(a) is amt bond with a node along the axis connecting the nuclei while (b) and (c) are 
o bonds that overlap along the axis. 


Key Concepts and Summary 


Valence bond theory describes bonding as a consequence of the overlap of two 
separate atomic orbitals on different atoms that creates a region with one pair of 
electrons shared between the two atoms. When the orbitals overlap along an axis 
containing the nuclei, they form a o bond. When they overlap in a fashion that creates 
a node along this axis, they form a mt bond. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: Explain how o and mt bonds are similar and how they are different. 
Solution: 


Similarities: Both types of bonds result from overlap of atomic orbitals on 
adjacent atoms and contain a maximum of two electrons. Differences: o bonds 
are stronger and result from end-to-end overlap and all single bonds are o bonds; 
mt bonds between the same two atoms are weaker because they result from side- 
by-side overlap, and multiple bonds contain one or more mt bonds (in addition to 
ao bond). 


Exercise: 


Problem: 


Draw a curve that describes the energy of a system with H and Cl atoms at 
varying distances. Then, find the minimum energy of this curve two ways. 


(a) Use the bond energy found in [link] to calculate the energy for one single 
HCl bond (Hint: How many bonds are in a mole?) 


(b) Use the enthalpy of reaction and the bond energies for H» and Cl, to solve 
for the energy of one mole of HCl bonds. 
Equation: 


H2(g) + Cle(g) = 2HCl(g) AF, = —184.7 kJ/mol 


Exercise: 
Problem: 


Explain why bonds occur at specific average bond distances instead of the atoms 
approaching each other infinitely close. 


Solution: 


The specific average bond distance is the distance with the lowest energy. At 
distances less than the bond distance, the positive charges on the two nuclei 
repel each other, and the overall energy increases. 


Exercise: 
Problem: 
Use valence bond theory to explain the bonding in Fj, HF, and ClBr. Sketch the 
overlap of the atomic orbitals involved in the bonds. 
Exercise: 
Problem: 


Use valence bond theory to explain the bonding in O5. Sketch the overlap of the 
atomic orbitals involved in the bonds in O5. 


Solution: 


Bonding: One o bond and one mt bond. The s orbitals are filled and do not 
overlap. The p orbitals overlap along the axis to form a o bond and side-by-side 
to form the m bond. 


S orbital p orbital 6 bond mT bond 


Exercise: 


Problem: How many o and m bonds are present in the molecule HCN? 
Exercise: 


Problem: 


A friend tells you N> has three m bonds due to overlap of the three p-orbitals on 
each N atom. Do you agree? 


Solution: 


No, two of the p orbitals (one on each N) will be oriented end-to-end and will 
form a o bond. 


7 bond o bond 7 bond 


N=N 


Exercise: 


Problem: 


Draw the Lewis structures for CO, and CO, and predict the number of o and mt 
bonds for each molecule. 


(a) CO» 


(b) CO 


Glossary 


overlap 
coexistence of orbitals from two different atoms sharing the same region of 
space, leading to the formation of a covalent bond 


node 
plane separating different lobes of orbitals, where the probability of finding an 
electron is zero 


pi bond (m bond) 
covalent bond formed by side-by-side overlap of atomic orbitals; the electron 
density is found on opposite sides of the internuclear axis 


sigma bond (o bond) 
covalent bond formed by overlap of atomic orbitals along the internuclear axis 


valence bond theory 
description of bonding that involves atomic orbitals overlapping to form o or Tt 
bonds, within which pairs of electrons are shared 


Hybrid Atomic Orbitals 
By the end of this section, you will be able to: 


e Explain the concept of atomic orbital hybridization 
e Determine the hybrid orbitals associated with various molecular 
geometries 


Thinking in terms of overlapping atomic orbitals is one way for us to 
explain how chemical bonds form in diatomic molecules. However, to 
understand how molecules with more than two atoms form stable bonds, we 
require a more detailed model. As an example, let us consider the water 
molecule, in which we have one oxygen atom bonding to two hydrogen 
atoms. Oxygen has the electron configuration 1s72s?2p*, with two unpaired 
electrons (one in each of the two 2p orbitals). Valence bond theory would 
predict that the two O—H bonds form from the overlap of these two 2p 
orbitals with the 1s orbitals of the hydrogen atoms. If this were the case, the 
bond angle would be 90°, as shown in [link], because p orbitals are 
perpendicular to each other. Experimental evidence shows that the bond 
angle is 104.5°, not 90°. The prediction of the valence bond theory model 
does not match the real-world observations of a water molecule; a different 
model is needed. 


The hypothetical overlap of two of 
the 2p orbitals on an oxygen atom 
(red) with the 1s orbitals of two 
hydrogen atoms (blue) would 
produce a bond angle of 90°. This 


is not consistent with experimental 
evidence.| footnote | 

Note that orbitals may sometimes 

be drawn in an elongated “balloon’ 
shape rather than in a more 

realistic “plump” shape in order to 
make the geometry easier to 

visualize. 


B] 


Quantum-mechanical calculations suggest why the observed bond angles in 
H,O differ from those predicted by the overlap of the 1s orbital of the 
hydrogen atoms with the 2p orbitals of the oxygen atom. The mathematical 
expression known as the wave function, W, contains information about each 
orbital and the wavelike properties of electrons in an isolated atom. When 
atoms are bound together in a molecule, the wave functions combine to 
produce new mathematical descriptions that have different shapes. This 
process of combining the wave functions for atomic orbitals is called 
hybridization and is mathematically accomplished by the linear 
combination of atomic orbitals, LCAO, (a technique that we will encounter 
again later). The new orbitals that result are called hybrid orbitals. The 
valence orbitals in an isolated oxygen atom are a 2s orbital and three 2p 
orbitals. The valence orbitals in an oxygen atom in a water molecule differ; 
they consist of four equivalent hybrid orbitals that point approximately 
toward the corners of a tetrahedron ({link]). Consequently, the overlap of 
the O and H orbitals should result in a tetrahedral bond angle (109.5°). The 
observed angle of 104.5° is experimental evidence for which quantum- 
mechanical calculations give a useful explanation: Valence bond theory 
must include a hybridization component to give accurate predictions. 


(a) (b) 


(a) A water molecule has four regions of electron density, so VSEPR 
theory predicts a tetrahedral arrangement of hybrid orbitals. (b) Two of 
the hybrid orbitals on oxygen contain lone pairs, and the other two 
overlap with the 1s orbitals of hydrogen atoms to form the O—H bonds 
in H)O. This description is more consistent with the experimental 
structure. 


The following ideas are important in understanding hybridization: 


1. Hybrid orbitals do not exist in isolated atoms. They are formed only in 
covalently bonded atoms. 

2. Hybrid orbitals have shapes and orientations that are very different 
from those of the atomic orbitals in isolated atoms. 

3. A set of hybrid orbitals is generated by combining atomic orbitals. The 
number of hybrid orbitals in a set is equal to the number of atomic 
orbitals that were combined to produce the set. 

4. All orbitals in a set of hybrid orbitals are equivalent in shape and 
energy. 

5. The type of hybrid orbitals formed in a bonded atom depends on its 
electron-pair geometry as predicted by the VSEPR theory. 

6. Hybrid orbitals overlap to form o bonds. Unhybridized orbitals overlap 
to form m bonds. 


In the following sections, we shall discuss the common types of hybrid 
orbitals. 


sp Hybridization 


The beryllium atom in a gaseous BeCl, molecule is an example of a central 
atom with no lone pairs of electrons in a linear arrangement of three atoms. 
There are two regions of valence electron density in the BeCly molecule 
that correspond to the two covalent Be—Cl bonds. To accommodate these 
two electron domains, two of the Be atom’s four valence orbitals will mix 
to yield two hybrid orbitals. This hybridization process involves mixing of 
the valence s orbital with one of the valence p orbitals to yield two 
equivalent sp hybrid orbitals that are oriented in a linear geometry ((link]). 
In this figure, the set of sp orbitals appears similar in shape to the original p 
orbital, but there is an important difference. The number of atomic orbitals 
combined always equals the number of hybrid orbitals formed. The p 
orbital is one orbital that can hold up to two electrons. The sp set is two 
equivalent orbitals that point 180° from each other. The two electrons that 
were originally in the s orbital are now distributed to the two sp orbitals, 
which are half filled. In gaseous BeCl, these half-filled hybrid orbitals will 
overlap with orbitals from the chlorine atoms to form two identical o bonds. 


z Zz z z 
y v y y 
Hybridization 
Xx. XxX ————=» Xx » 


Gives a linear 
arrangement 


Hybridization of an s orbital (blue) and a p orbital (red) of the same 
atom produces two sp hybrid orbitals (yellow). Each hybrid orbital is 
oriented primarily in just one direction. Note that each sp orbital 
contains one lobe that is significantly larger than the other. The set of 
two sp orbitals are oriented at 180°, which is consistent with the 
geometry for two domains. 


We illustrate the electronic differences in an isolated Be atom and in the 
bonded Be atom in the orbital energy-level diagram in [link]. These 
diagrams represent each orbital by a horizontal line (indicating its energy) 
and each electron by an arrow. Energy increases toward the top of the 
diagram. We use one upward arrow to indicate one electron in an orbital 
and two arrows (up and down) to indicate two electrons of opposite spin. 


Orbitals in an isolated Be atom Orbitals in the sp hybridized Be in BeCl, 
———) ss —_ eee Unhybridized 
2p 2p 2p 
- Hybridization 4 | 
; sp sp 


al 


2s 


This orbital energy-level diagram shows the sp hybridized orbitals on 
Be in the linear BeCly molecule. Each of the two sp hybrid orbitals 
holds one electron and is thus half filled and available for bonding via 
overlap with a Cl 3p orbital. 


When atomic orbitals hybridize, the valence electrons occupy the newly 
created orbitals. The Be atom had two valence electrons, so each of the sp 
orbitals gets one of these electrons. Each of these electrons pairs up with the 


unpaired electron on a chlorine atom when a hybrid orbital and a chlorine 
orbital overlap during the formation of the Be—Cl bonds. 


Any central atom surrounded by just two regions of valence electron 
density in a molecule will exhibit sp hybridization. Other examples include 
the mercury atom in the linear HgCly molecule, the zinc atom in Zn(CH3)p, 
which contains a linear C-Zn—C arrangement, and the carbon atoms in 
HCCH and CO>. 


Note: 
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Check out the University of Wisconsin-Oshkosh website to learn about 
visualizing hybrid orbitals in three dimensions. 


sp” Hybridization 


The valence orbitals of a central atom surrounded by three regions of 
electron density consist of a set of three sp* hybrid orbitals and one 
unhybridized p orbital. This arrangement results from sp* hybridization, the 
mixing of one s orbital and two p orbitals to produce three identical hybrid 
orbitals oriented in a trigonal planar geometry ([link]). 
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The hybridization of an s orbital (blue) and two p orbitals (red) 
produces three equivalent sp* hybridized orbitals (yellow) oriented at 
120° with respect to each other. The remaining unhybridized p orbital 

is not shown here, but is located along the z axis. 


Although quantum mechanics yields the “plump” orbital lobes as depicted 
in [link], sometimes for clarity these orbitals are drawn thinner and without 
the minor lobes, as in [link], to avoid obscuring other features of a given 
illustration. We will use these “thinner” representations whenever the true 
view is too crowded to easily visualize. 


This alternate way of drawing the 
trigonal planar sp* hybrid orbitals 
is sometimes used in more 
crowded figures. 


The observed structure of the borane molecule, BH3 suggests sp* 
hybridization for boron in this compound. The molecule is trigonal planar, 
and the boron atom is involved in three bonds to hydrogen atoms ([link]). 
We can illustrate the comparison of orbitals and electron distribution in an 
isolated boron atom and in the bonded atom in BH3 as shown in the orbital 
energy level diagram in [link]. We redistribute the three valence electrons of 
the boron atom in the three sp? hybrid orbitals, and each boron electron 
pairs with a hydrogen electron when B—H bonds form. 
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BHs3 is an electron-deficient 
molecule with a trigonal planar 
structure. 


Orbitals in an isolated B atom Orbitals in the sp? hybridized B atom in BH, 
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In an isolated B atom, there are one 2s and three 2p valence orbitals. 
When boron is in a molecule with three regions of electron density, 
three of the orbitals hybridize and create a set of three sp* orbitals and 
one unhybridized 2p orbital. The three half-filled hybrid orbitals each 
overlap with an orbital from a hydrogen atom to form three o bonds in 
BHs3. 


Any central atom surrounded by three regions of electron density will 
exhibit sp? hybridization. This includes molecules with a lone pair on the 
central atom, such as CINO ([link]), or molecules with two single bonds 
and a double bond connected to the central atom, as in formaldehyde, 
CH,O, and ethene, H»CCH). 
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The central atom(s) in each of the structures shown contain three 


regions of electron density and are sp* hybridized. As we know from 
the discussion of VSEPR theory, a region of electron density contains 
all of the electrons that point in one direction. A lone pair, an unpaired 
electron, a single bond, or a multiple bond would each count as one 
region of electron density. 


sp? Hybridization 


The valence orbitals of an atom surrounded by a tetrahedral arrangement of 
bonding pairs and lone pairs consist of a set of four sp? hybrid orbitals. 
The hybrids result from the mixing of one s orbital and all three p orbitals 
that produces four identical sp? hybrid orbitals ([link]). Each of these hybrid 
orbitals points toward a different corner of a tetrahedron. 
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The hybridization of an s orbital (blue) and three p orbitals (red) 
produces four equivalent sp? hybridized orbitals (yellow) oriented at 
109.5° with respect to each other. 


A molecule of methane, CHy, consists of a carbon atom surrounded by four 
hydrogen atoms at the comers of a tetrahedron. The carbon atom in 
methane exhibits sp? hybridization. We illustrate the orbitals and electron 
distribution in an isolated carbon atom and in the bonded atom in CH, in 
[link]. The four valence electrons of the carbon atom are distributed equally 
in the hybrid orbitals, and each carbon electron pairs with a hydrogen 
electron when the C—H bonds form. 


Orbitals in an isolated C atom Orbitals in the sp? hybridized C atom in CH, 
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The four valence atomic orbitals from an isolated carbon atom all 
hybridize when the carbon bonds in a molecule like CH, with four 
regions of electron density. This creates four equivalent sp* hybridized 
orbitals. Overlap of each of the hybrid orbitals with a hydrogen orbital 
creates a C—H o bond. 


In a methane molecule, the 1s orbital of each of the four hydrogen atoms 
overlaps with one of the four sp orbitals of the carbon atom to form a 
sigma (0) bond. This results in the formation of four strong, equivalent 
covalent bonds between the carbon atom and each of the hydrogen atoms to 
produce the methane molecule, CHy. 


The structure of ethane, CHg, is similar to that of methane in that each 
carbon in ethane has four neighboring atoms arranged at the corners of a 
tetrahedron—three hydrogen atoms and one carbon atom ([link]). However, 
in ethane an sp° orbital of one carbon atom overlaps end to end with an sp? 
orbital of a second carbon atom to form a o bond between the two carbon 
atoms. Each of the remaining sp? hybrid orbitals overlaps with an s orbital 
of a hydrogen atom to form carbon—hydrogen o bonds. The structure and 
overall outline of the bonding orbitals of ethane are shown in [link]. The 
orientation of the two CH3 groups is not fixed relative to each other. 
Experimental evidence shows that rotation around o bonds occurs easily. 


(b) 


(a) In the ethane molecule, C>Hg, each carbon has four sp? orbitals. (b) 
These four orbitals overlap to form seven o bonds. 


An sp® hybrid orbital can also hold a lone pair of electrons. For example, 
the nitrogen atom in ammonia is surrounded by three bonding pairs and a 
lone pair of electrons directed to the four comers of a tetrahedron. The 
nitrogen atom is sp° hybridized with one hybrid orbital occupied by the 
lone pair. 


The molecular structure of water is consistent with a tetrahedral 
arrangement of two lone pairs and two bonding pairs of electrons. Thus we 
say that the oxygen atom is sp? hybridized, with two of the hybrid orbitals 
occupied by lone pairs and two by bonding pairs. Since lone pairs occupy 
more space than bonding pairs, structures that contain lone pairs have bond 
angles slightly distorted from the ideal. Perfect tetrahedra have angles of 
109.5°, but the observed angles in ammonia (107.3°) and water (104.5°) are 
slightly smaller. Other examples of sp? hybridization include CCly, PCls, 
and NCls. 


sp°d and sp?d* Hybridization 


To describe the five bonding orbitals in a trigonal bipyramidal arrangement, 
we must use five of the valence shell atomic orbitals (the s orbital, the three 
p orbitals, and one of the d orbitals), which gives five sp°d hybrid orbitals. 
With an octahedral arrangement of six hybrid orbitals, we must use six 
valence shell atomic orbitals (the s orbital, the three p orbitals, and two of 


the d orbitals in its valence shell), which gives six spd* hybrid orbitals. 
These hybridizations are only possible for atoms that have d orbitals in their 
valence subshells (that is, not those in the first or second period). 


In a molecule of phosphorus pentachloride, PCls, there are five P—Cl bonds 
(thus five pairs of valence electrons around the phosphorus atom) directed 
toward the corners of a trigonal bipyramid. We use the 3s orbital, the three 
3p orbitals, and one of the 3d orbitals to form the set of five spd hybrid 
orbitals ({link]) that are involved in the P—Cl bonds. Other atoms that 
exhibit sp°d hybridization include the sulfur atom in SF, and the chlorine 
atoms in C]F3 and in C1F 4°. (The electrons on fluorine atoms are omitted 
for clarity.) 
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The three compounds pictured exhibit sp?d hybridization in the central 
atom and a trigonal bipyramid form. SF, and CIF 4* have one lone pair 
of electrons on the central atom, and CIF3 has two lone pairs giving it 
the T-shape shown. 


(a) (b) 


(a) The five regions of electron density around phosphorus in PCl. 
require five hybrid spd orbitals. (b) These orbitals combine to form a 
trigonal bipyramidal structure with each large lobe of the hybrid 
orbital pointing at a vertex. As before, there are also small lobes 
pointing in the opposite direction for each orbital (not shown for 
clarity). 


The sulfur atom in sulfur hexafluoride, SFg, exhibits sp°d* hybridization. A 
molecule of sulfur hexafluoride has six bonding pairs of electrons 
connecting six fluorine atoms to a single sulfur atom. There are no lone 
pairs of electrons on the central atom. To bond six fluorine atoms, the 3s 
orbital, the three 3p orbitals, and two of the 3d orbitals form six equivalent 
sp°d* hybrid orbitals, each directed toward a different corner of an 
octahedron. Other atoms that exhibit sp°d? hybridization include the 
phosphorus atom in PClg_, the iodine atom in the interhalogens IF ¢", IFs, 
ICl,, IF4~ and the xenon atom in XeF 4. 
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(a) Sulfur hexafluoride, SFg, has an octahedral structure that requires 
sp°d* hybridization. (b) The six sp°d? orbitals form an octahedral 
structure around sulfur. Again, the minor lobe of each orbital is not 
shown for clarity. 


Assignment of Hybrid Orbitals to Central Atoms 


The hybridization of an atom is determined based on the number of regions 
of electron density that surround it. The geometrical arrangements 
characteristic of the various sets of hybrid orbitals are shown in [link]. 
These arrangements are identical to those of the electron-pair geometries 
predicted by VSEPR theory. VSEPR theory predicts the shapes of 
molecules, and hybrid orbital theory provides an explanation for how those 
shapes are formed. To find the hybridization of a central atom, we can use 
the following guidelines: 


1. Determine the Lewis structure of the molecule. 

2. Determine the number of regions of electron density around an atom 
using VSEPR theory, in which single bonds, multiple bonds, radicals, 
and lone pairs each count as one region. 

3. Assign the set of hybridized orbitals from [link] that corresponds to 
this geometry. 


Regions of 
Electron Arrangement Hybridization 


trigonal planar 


tetrahedral 


trigonal 
bipyramidal 


octahedral 


The shapes of hybridized orbital sets are consistent with the electron- 
pair geometries. For example, an atom surrounded by three regions of 
electron density is sp* hybridized, and the three sp? orbitals are 
arranged in a trigonal planar fashion. 


It is important to remember that hybridization was devised to rationalize 
experimentally observed molecular geometries. The model works well for 
molecules containing small central atoms, in which the valence electron 
pairs are close together in space. However, for larger central atoms, the 


valence-shell electron pairs are farther from the nucleus, and there are fewer 
repulsions. Their compounds exhibit structures that are often not consistent 
with VSEPR theory, and hybridized orbitals are not necessary to explain the 
observed data. For example, we have discussed the H-O-H bond angle in 
H,O, 104.5°, which is more consistent with sp? hybrid orbitals (109.5°) on 
the central atom than with 2p orbitals (90°). Sulfur is in the same group as 
oxygen, and H)S has a similar Lewis structure. However, it has a much 
smaller bond angle (92.1°), which indicates much less hybridization on 
sulfur than oxygen. Continuing down the group, tellurium is even larger 
than sulfur, and for H»Te, the observed bond angle (90°) is consistent with 
overlap of the 5p orbitals, without invoking hybridization. We invoke 
hybridization where it is necessary to explain the observed structures. 


Example: 

Assigning Hybridization 

Ammonium sulfate is important as a fertilizer. What is the hybridization of 
the sulfur atom in the sulfate ion, SO,2"? 

Solution 

The Lewis structure of sulfate shows there are four regions of electron 
density. The hybridization is sp°. 


Check Your Learning 
What is the hybridization of the selenium atom in SeF 4? 
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Answer: 
The selenium atom is sp°d hybridized. 


Example: 

Assigning Hybridization 

Urea, NH»C(O)NH)b, is sometimes used as a source of nitrogen in 
fertilizers. What is the hybridization of each nitrogen and carbon atom in 
urea? 

Solution 

The Lewis structure of urea is 


The nitrogen atoms are surrounded by four regions of electron density, 
which arrange themselves in a tetrahedral electron-pair geometry. The 
hybridization in a tetrahedral arrangement is sp? ([link]). This is the 
hybridization of the nitrogen atoms in urea. 

The carbon atom is surrounded by three regions of electron density, 
positioned in a trigonal planar arrangement. The hybridization in a trigonal 
planar electron pair geometry is sp? ({link]), which is the hybridization of 
the carbon atom in urea. 

Check Your Learning 

Acetic acid, H3CC(O)OH, is the molecule that gives vinegar its odor and 
sour taste. What is the hybridization of the two carbon atoms in acetic 
acid? 
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Note: 
Answer: 
H3G, sp?; C(O)OH, sp? 


Key Concepts and Summary 


We can use hybrid orbitals, which are mathematical combinations of some 
or all of the valence atomic orbitals, to describe the electron density around 
covalently bonded atoms. These hybrid orbitals either form sigma (0) bonds 
directed toward other atoms of the molecule or contain lone pairs of 
electrons. We can determine the type of hybridization around a central atom 
from the geometry of the regions of electron density about it. Two such 
regions imply sp hybridization; three, sp* hybridization; four, sp* 
hybridization; five, sp°d hybridization; and six, sp°d hybridization. Pi (m) 
bonds are formed from unhybridized atomic orbitals (p or d orbitals). 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 
Why is the concept of hybridization required in valence bond theory? 
Solution: 


Hybridization is introduced to explain the geometry of bonding 
orbitals in valance bond theory. 


Exercise: 


Problem: Give the shape that describes each hybrid orbital set: 


(a) sp* 
(b) sp°d 
(C) sp 
(d) sp°d° 


Exercise: 


Problem: 


Explain why a carbon atom cannot form five bonds using sp*d hybrid 
orbitals. 


Solution: 


There are no d orbitals in the valence shell of carbon. 
Exercise: 


Problem: 

What is the hybridization of the central atom in each of the following? 
(a) BeH> 

(b) SF¢ 

(c) PO 


(d) PCls 
Exercise: 


Problem: 
A molecule with the formula AB3 could have one of four different 
shapes. Give the shape and the hybridization of the central A atom for 


each. 


Solution: 


trigonal planar, sp; trigonal pyramidal (one lone pair on A) sp°; T- 
shaped (two lone pairs on A spd, or (three lone pairs on A) sp°d* 


Exercise: 


Problem: 


Methionine, CH35CH»CH»CH(NH>)CO>H, is an amino acid found in 
proteins. The Lewis structure of this compound is shown below. What 
is the hybridization type of each carbon, oxygen, the nitrogen, and the 
sulfur? 
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Exercise: 
Problem: 


Sulfuric acid is manufactured by a series of reactions represented by 
the following equations: 

Ss(s) + 802(g) —+ 8SO2(g) 

2802(g) + Oo(g) —> 28O3(g) 

SO3(g) + H2O(1) — H2SOx,(1) 


Draw a Lewis structure, predict the molecular geometry by VSEPR, 
and determine the hybridization of sulfur for the following: 


(a) circular Sg molecule 


(b) SO» molecule 


(c) SO3 molecule 
(d) H»>SO, molecule (the hydrogen atoms are bonded to oxygen atoms) 
Solution: 


(a) Each S has a bent (109°) geometry, sp* 


co™==S. 
(b) Bent (120°), sp* 


:O=S—O: <> :0—S=0: 


(c) Trigonal planar, sp” 


(d) Tetrahedral, sp? 
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Exercise: 
Problem: 


Two important industrial chemicals, ethene, C>H,4, and propene, C3Hg, 
are produced by the steam (or thermal) cracking process: 
Equation: 


2C3Hs(g) —> C2H4(g) + C3He6(g) + CHa(g) + Ho(g) 


For each of the four carbon compounds, do the following: 
(a) Draw a Lewis structure. 
(b) Predict the geometry about the carbon atom. 


(c) Determine the hybridization of each type of carbon atom. 
Exercise: 


Problem: 


For many years after they were discovered, it was believed that the 
noble gases could not form compounds. Now we know that belief to be 
incorrect. A mixture of xenon and fluorine gases, confined in a quartz 
bulb and placed on a windowsill, is found to slowly produce a white 
solid. Analysis of the compound indicates that it contains 77.55% Xe 
and 22.45% F by mass. 


(a) What is the formula of the compound? 
(b) Write a Lewis structure for the compound. 
(c) Predict the shape of the molecules of the compound. 


(d) What hybridization is consistent with the shape you predicted? 


Solution: 


(a) XeF» 
(b) 


*p—*ye—e: 


(c) linear (d) sp°d 

Exercise: 
Problem: Consider nitrous acid, HNO» (HONO). 
(a) Write a Lewis structure. 


(b) What are the electron pair and molecular geometries of the internal 
oxygen and nitrogen atoms in the HNO> molecule? 


(c) What is the hybridization on the internal oxygen and nitrogen 
atoms in HNO»? 


Exercise: 


Problem: 


Strike-anywhere matches contain a layer of KCIO3 and a layer of P4S3. 
The heat produced by the friction of striking the match causes these 
two compounds to react vigorously, which sets fire to the wooden stem 
of the match. KCIO3 contains the ClO3° ion. P4S3 is an unusual 
molecule with the skeletal structure. 
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(a) Write Lewis structures for P4S3 and the ClO3 ion. 


(b) Describe the geometry about the P atoms, the S atom, and the Cl 
atom in these species. 


(c) Assign a hybridization to the P atoms, the S atom, and the Cl atom 
in these species. 


(d) Determine the oxidation states and formal charge of the atoms in 
P,S3 and the ClO3° ion. 


Solution: 


(a) 
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(b) P atoms, trigonal pyramidal; S atoms, bent, with two lone pairs; Cl 
atoms, trigonal pyramidal; (c) Hybridization about P, S, and Cl is, in 
all cases, sp?; (d) Oxidation states P +1, S—14, Cl +5, O —2. Formal 
charges: P 0; S 0; Cl +2: O-1 

Exercise: 
Problem: 
Identify the hybridization of each carbon atom in the following 


molecule. (The arrangement of atoms is given; you need to determine 
how many bonds connect each pair of atoms.) 


H oH H H 


Exercise: 


Problem: 


Write Lewis structures for NF3 and PFs. On the basis of hybrid 
orbitals, explain the fact that NF3, PF3, and PFs are stable molecules, 
but NF; does not exist. 


Solution: 


ie D ‘i 
” °F de 
>N—F: PF: 
| ee °F | ee 
a ee 


Phosphorus and nitrogen can form sp? hybrids to form three bonds and 
hold one lone pair in PF3 and NF3, respectively. However, nitrogen has 
no valence d orbitals, so it cannot form a set of sp°d hybrid orbitals to 
bind five fluorine atoms in NF. Phosphorus has d orbitals and can 
bind five fluorine atoms with sp*d hybrid orbitals in PFs. 


Exercise: 


Problem: 


In addition to NF3, two other fluoro derivatives of nitrogen are known: 
N>F, and NoF>. What shapes do you predict for these two molecules? 
What is the hybridization for the nitrogen in each molecule? 


Glossary 


hybrid orbital 
orbital created by combining atomic orbitals on a central atom 


hybridization 
model that describes the changes in the atomic orbitals of an atom 
when it forms a covalent compound 


sp hybrid orbital 
one of a set of two orbitals with a linear arrangement that results from 
combining one s and one p orbital 


sp~ hybrid orbital 
one of a set of three orbitals with a trigonal planar arrangement that 
results from combining one s and two p orbitals 


sp? hybrid orbital 
one of a set of four orbitals with a tetrahedral arrangement that results 
from combining one s and three p orbitals 


sp°d hybrid orbital 
one of a set of five orbitals with a trigonal bipyramidal arrangement 
that results from combining one s, three p, and one d orbital 


sp°d* hybrid orbital 
one of a set of six orbitals with an octahedral arrangement that results 
from combining one s, three p, and two d orbitals 


Multiple Bonds 
By the end of this section, you will be able to: 


¢ Describe multiple covalent bonding in terms of atomic orbital overlap 
¢ Relate the concept of resonance to n-bonding and electron 
delocalization 


The hybrid orbital model appears to account well for the geometry of 
molecules involving single covalent bonds. Is it also capable of describing 
molecules containing double and triple bonds? We have already discussed 
that multiple bonds consist of o and m bonds. Next we can consider how we 
visualize these components and how they relate to hybrid orbitals. The 
Lewis structure of ethene, C>Hy, shows us that each carbon atom is 
surrounded by one other carbon atom and two hydrogen atoms. 


H H 


H H 


The three bonding regions form a trigonal planar electron-pair geometry. 
Thus we expect the o bonds from each carbon atom are formed using a set 
of sp* hybrid orbitals that result from hybridization of two of the 2p orbitals 
and the 2s orbital ({link]). These orbitals form the C—H single bonds and the 
o bond in the C = C double bond ({link]). The m bond in the C = C double 
bond results from the overlap of the third (remaining) 2p orbital on each 
carbon atom that is not involved in hybridization. This unhybridized p 
orbital (lobes shown in red and blue in [link]) is perpendicular to the plane 
of the sp* hybrid orbitals. Thus the unhybridized 2p orbitals overlap in a 
side-by-side fashion, above and below the internuclear axis ([{link]) and 
form a mt bond. 


Orbitals in an isolated C atom Orbitals in the sp hybridized C atom in CH, 
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In ethene, each carbon atom is sp* hybridized, and the sp? orbitals and 
the p orbital are singly occupied. The hybrid orbitals overlap to form o 
bonds, while the p orbitals on each carbon atom overlap to form a 1 

bond. 


6 bonds 0 bond 


o bonds One i bond 


(a) (b) 


In the ethene molecule, C,H, there are (a) five o bonds. One C—C o 
bond results from overlap of sp* hybrid orbitals on the carbon atom 
with one sp? hybrid orbital on the other carbon atom. Four C-H bonds 
result from the overlap between the C atoms' sp? orbitals with s 
orbitals on the hydrogen atoms. (b) The m bond is formed by the side- 
by-side overlap of the two unhybridized p orbitals in the two carbon 
atoms. The two lobes of the m bond are above and below the plane of 

the o system. 


In an ethene molecule, the four hydrogen atoms and the two carbon atoms 
are all in the same plane. If the two planes of sp hybrid orbitals tilted 
relative to each other, the p orbitals would not be oriented to overlap 
efficiently to create the n bond. The planar configuration for the ethene 
molecule occurs because it is the most stable bonding arrangement. This is 
a significant difference between o and m bonds; rotation around single (0) 
bonds occurs easily because the end-to-end orbital overlap does not depend 
on the relative orientation of the orbitals on each atom in the bond. In other 
words, rotation around the internuclear axis does not change the extent to 
which the o bonding orbitals overlap because the bonding electron density 
is symmetric about the axis. Rotation about the internuclear axis is much 
more difficult for multiple bonds; however, this would drastically alter the 
off-axis overlap of the m bonding orbitals, essentially breaking the m bond. 


In molecules with sp hybrid orbitals, two unhybridized p orbitals remain on 
the atom ([link]). We find this situation in acetylene, H—-C=C—H, which 
is a linear molecule. The sp hybrid orbitals of the two carbon atoms overlap 
end to end to form a o bond between the carbon atoms ((link]). The 
remaining sp orbitals form o bonds with hydrogen atoms. The two 
unhybridized p orbitals per carbon are positioned such that they overlap 
side by side and, hence, form two m bonds. The two carbon atoms of 
acetylene are thus bound together by one o bond and two mt bonds, giving a 
triple bond. 


Unhybridized 
p orbital 


sp sp 
Second 
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p orbital 


Diagram of the two linear sp hybrid orbitals of a carbon atom, which 
lie in a straight line, and the two unhybridized p orbitals at 
perpendicular angles. 


o bond 0 bond o bond One zt bond Second z bond 


(a) (b) 


(a) In the acetylene molecule, CjH> there are two C—H o bonds and a 
C = C triple bond involving one C-C o bond and two C-C nt bonds. 
The dashed lines, each connecting two lobes, indicate the side-by-side 
overlap of the four unhybridized p orbitals. (b) This shows the overall 
outline of the bonds in C)H>. The two lobes of each of the m bonds are 
positioned across from each other around the line of the C—C o bond. 


Hybridization involves only o bonds, lone pairs of electrons, and single 
unpaired electrons (radicals). Structures that account for these features 
describe the correct hybridization of the atoms. However, many structures 
also include resonance forms. Remember that resonance forms occur when 
various arrangements of m bonds are possible. Since the arrangement of mt 
bonds involves only the unhybridized orbitals, resonance does not influence 
the assignment of hybridization. 


For example, molecule benzene has two resonance forms ([link]). We can 
use either of these forms to determine that each of the carbon atoms is 
bonded to three other atoms with no lone pairs, so the correct hybridization 
is sp*. The electrons in the unhybridized p orbitals form n bonds. Neither 
resonance structure completely describes the electrons in the m bonds. They 


are not located in one position or the other, but in reality are delocalized 
throughout the ring. Valence bond theory does not easily address 
delocalization. Bonding in molecules with resonance forms is better 
described by molecular orbital theory. (See the next module.) 
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Each carbon atom in benzene, CgH,g, is sp* hybridized, independently 
of which resonance form is considered. The electrons in the m bonds 
are not located in one set of p orbitals or the other, but rather 
delocalized throughout the molecule. 


Example: 

Assignment of Hybridization Involving Resonance 

Some acid rain results from the reaction of sulfur dioxide with atmospheric 
water vapor, followed by the formation of sulfuric acid. Sulfur dioxide, 
SO>, is a major component of volcanic gases as well as a product of the 
combustion of sulfur-containing coal. What is the hybridization of the S 
atom in SO»? 

Solution 

The resonance structures of SO, are 
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The sulfur atom is surrounded by two bonds and one lone pair of electrons 
in either resonance structure. Therefore, the electron-pair geometry is 
trigonal planar, and the hybridization of the sulfur atom is sp’. 

Check Your Learning 

Another acid in acid rain is nitric acid, HNO3, which is produced by the 
reaction of nitrogen dioxide, NO2, with atmospheric water vapor. What is 
the hybridization of the nitrogen atom in NO»? (Note: the lone electron on 
nitrogen occupies a hybridized orbital just as a lone pair would.) 


Key Concepts and Summary 


Multiple bonds consist of a o bond located along the axis between two 
atoms and one or two mt bonds. The o bonds are usually formed by the 
overlap of hybridized atomic orbitals, while the m bonds are formed by the 
side-by-side overlap of unhybridized orbitals. Resonance occurs when there 
are multiple unhybridized orbitals with the appropriate alignment to 
overlap, so the placement of m bonds can vary. 


Chemistry End of Chapter Exercises 


Exercise: 


Problem: 


The bond energy of a C-C single bond averages 347 kJ mol‘; that of 
a C = C triple bond averages 839 kJ mol‘. Explain why the triple 
bond is not three times as strong as a single bond. 


Solution: 


A triple bond consists of one o bond and two m bonds. A o bond is 
stronger than a m bond due to greater overlap. 

Exercise: 
Problem: 
For the carbonate ion, CO3?-, draw all of the resonance structures. 
Identify which orbitals overlap to create each bond. 

Exercise: 
Problem: 


A useful solvent that will dissolve salts as well as organic compounds 
is the compound acetonitrile, H3CCN. It is present in paint strippers. 


(a) Write the Lewis structure for acetonitrile, and indicate the direction 
of the dipole moment in the molecule. 


(b) Identify the hybrid orbitals used by the carbon atoms in the 
molecule to form o bonds. 


(c) Describe the atomic orbitals that form the m bonds in the molecule. 
Note that it is not necessary to hybridize the nitrogen atom. 


Solution: 


(a) 


H 


| 
os 
H +» dipole moment 


(b) The terminal carbon atom uses sp” hybrid orbitals, while the central 
carbon atom is sp hybridized. (c) Each of the two m bonds is formed by 
overlap of a 2p orbital on carbon and a nitrogen 2p orbital. 


Exercise: 
Problem: 
For the molecule allene, HyC = C = CHh, give the hybridization of 


each carbon atom. Will the hydrogen atoms be in the same plane or 
perpendicular planes? 


Exercise: 


Problem: 


Identify the hybridization of the central atom in each of the following 
molecules and ions that contain multiple bonds: 


(a) CINO (N is the central atom) 
(b) CS» 

(c) Cly»CO (C is the central atom) 
(d) Cl,SO (S is the central atom) 
(e) SOF» (S is the central atom) 
(f) XeO>F> (Xe is the central atom) 


(g) CIOF2* (Cl is the central atom) 


Solution: 


(a) sp”; (b) sp; (c) sp*; (d) sp; (e) sp; (£) sp°d; (g) sp? 
Exercise: 


Problem: 


Describe the molecular geometry and hybridization of the N, P, or S 
atoms in each of the following compounds. 


(a) H3PO,, phosphoric acid, used in cola soft drinks 
(b) NH,NO3, ammonium nitrate, a fertilizer and explosive 
(c) S»Cl>, disulfur dichloride, used in vulcanizing rubber 


(d) K4[03POPO3], potassium pyrophosphate, an ingredient in some 
toothpastes 


Exercise: 


Problem: 


For each of the following molecules, indicate the hybridization 
requested and whether or not the electrons will be delocalized: 


(a) ozone (O3) central O hybridization 

(b) carbon dioxide (CO>) central C hybridization 
(c) nitrogen dioxide (NO3>) central N hybridization 
(d) phosphate ion (PO,°~) central P hybridization 
Solution: 


(a) sp*, delocalized; (b) sp, localized; (c) sp*, delocalized; (d) sp*, 
delocalized 


Exercise: 


Problem: 


For each of the following structures, determine the hybridization 
requested and whether the electrons will be delocalized: 


(a) Hybridization of each carbon 


H 3:0: H 
| il | 
H—C—C—C—H 
| | 
r r 


(b) Hybridization of sulfur 


+ 
oO: 


Exercise: 


Problem: 


Draw the orbital diagram for carbon in CO, showing how many 
carbon atom electrons are in each orbital. 


Solution: 
Orbitals in an isolated C atom Orbitals in the sp hybridized C in CO, 
2p 2p 2p 
. Hybridization | | 
; sp sp 


tI 


2s 


Each of the four electrons is in a separate orbital and overlaps with an 
electron on an oxygen atom. 


The Periodic Table 
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Essential Mathematics 


Exponential Arithmetic 


Exponential notation is used to express very large and very small numbers as a 
product of two numbers. The first number of the product, the digit term, is 
usually a number not less than 1 and not greater than 10. The second number 
of the product, the exponential term, is written as 10 with an exponent. Some 
examples of exponential notation are: 


Equation: 
1000 = 1 x 10° 
100 = 1 x 10? 
10 = 1x 10! 
1 1610? 
0.1 = 1x 107! 


0.001 = 1x 1073 
2386 = 2.386 x 1000 = 2.386 x 10° 
0.123 = 1.23 x 0.1 =1.23 x 107! 


The power (exponent) of 10 is equal to the number of places the decimal is 
shifted to give the digit number. The exponential method is particularly useful 
notation for every large and very small numbers. For example, 1,230,000,000 
= 1.23 x 10°, and 0.00000000036 = 3.6 x 10°12. 


Addition of Exponentials 


Convert all numbers to the same power of 10, add the digit terms of the 
numbers, and if appropriate, convert the digit term back to a number between 1 
and 10 by adjusting the exponential term. 


Example: 


Adding Exponentials 

Add 5.00 x 10™° and 3.00 x 107°. 
Solution 

Equation: 


3000. 103 300 x 10° 
(5.00 x 107°) + (300 x 10°°) = 305 x 10°°=3.05 x 10°° 


Subtraction of Exponentials 


Convert all numbers to the same power of 10, take the difference of the digit 
terms, and if appropriate, convert the digit term back to a number between 1 
and 10 by adjusting the exponential term. 


Example: 

Subtracting Exponentials 

Subtract 4.0 x 10°” from 5.0 x 107°. 
Solution 

Equation: 


AO 0 A0 x 0.2 
(5.0 x 10°) — (0.40 x 10-*) = 4.6 x 10°° 


Multiplication of Exponentials 


Multiply the digit terms in the usual way and add the exponents of the 
exponential terms. 


Example: 


Multiplying Exponentials 
Multiply 4.2 x 107° by 2.0 x 10°. 
Solution 

Equation: 


(4.2 x 1078) x (2.0 x 10°) = (4.2 x 2.0) x 10(-§)+(3) — g.4 x 10 


Division of Exponentials 


Divide the digit term of the numerator by the digit term of the denominator and 
subtract the exponents of the exponential terms. 


Example: 

Dividing Exponentials 

Divide 3.6 x 10° by 6.0 x 10°. 
Solution 

Equation: 


io : 
ae = ( 3.6 ) x 109-4 — 0.60 x 107! = 6.0 x 107? 
z x 


Squaring of Exponentials 


Square the digit term in the usual way and multiply the exponent of the 
exponential term by 2. 


Example: 

Squaring Exponentials 
Square the number 4.0 x 107°. 
Solution 


Equation: 


(4.0 x 107°)? =4 x 4 x 102*(-9 =16 x 10°@ =1.6 x 10-7! 


Cubing of Exponentials 


Cube the digit term in the usual way and multiply the exponent of the 
exponential term by 3. 


Example: 

Cubing Exponentials 
Cube the number 2 x 104. 
Solution 

Equation: 


(2 x 104)? =2 x 2x 2 x 10°*4=8 x 10” 


Taking Square Roots of Exponentials 


If necessary, decrease or increase the exponential term so that the power of 10 
is evenly divisible by 2. Extract the square root of the digit term and divide the 
exponential term by 2. 


Example: 

Finding the Square Root of Exponentials 
Find the square root of 1.6 x 1077. 
Solution 

Equation: 


1.6 x 1077 16 x 1078 


V16 105° =e < V7 10" = 16 < 10-2 —40 % 10-4 


Significant Figures 


A beekeeper reports that he has 525,341 bees. The last three figures of the 
number are obviously inaccurate, for during the time the keeper was counting 
the bees, some of them died and others hatched; this makes it quite difficult to 
determine the exact number of bees. It would have been more accurate if the 
beekeeper had reported the number 525,000. In other words, the last three 
figures are not significant, except to set the position of the decimal point. Their 
exact values have no meaning useful in this situation. In reporting any 
information as numbers, use only as many significant figures as the accuracy 
of the measurement warrants. 


The importance of significant figures lies in their application to fundamental 
computation. In addition and subtraction, the sum or difference should contain 
as many digits to the right of the decimal as that in the least certain of the 
numbers used in the computation (indicated by underscoring in the following 
example). 


Example: 

Addition and Subtraction with Significant Figures 
Add 4.383 g and 0.0023 g. 

Solution 

Equation: 


4.383 ¢ 
0.0023 g 
4.38 g 


In multiplication and division, the product or quotient should contain no more 
digits than that in the factor containing the least number of significant figures. 


Example: 

Multiplication and Division with Significant Figures 
Multiply 0.6238 by 6.6. 

Solution 

Equation: 


0.6238 x 66 =41 


When rounding numbers, increase the retained digit by 1 if it is followed by a 
number larger than 5 (“round up”). Do not change the retained digit if the 
digits that follow are less than 5 (“round down”). If the retained digit is 
followed by 5, round up if the retained digit is odd, or round down if it is even 
(after rounding, the retained digit will thus always be even). 


The Use of Logarithms and Exponential Numbers 


The common logarithm of a number (log) is the power to which 10 must be 
raised to equal that number. For example, the common logarithm of 100 is 2, 
because 10 must be raised to the second power to equal 100. Additional 
examples follow. 


Logarithms and Exponential Numbers 


Number Expressed Common 
Number Exponentially Logarithm 


Logarithms and Exponential Numbers 


Number Expressed Common 
Number Exponentially Logarithm 
1000 10° 3 
10 10! 1 
1 10° 0 
0.1 10°! = 
0.001 10° sas) 


What is the common logarithm of 60? Because 60 lies between 10 and 100, 
which have logarithms of 1 and 2, respectively, the logarithm of 60 is 1.7782; 
that is, 

Equation: 


60 = 101:7782 


The common logarithm of a number less than 1 has a negative value. The 
logarithm of 0.03918 is -1.4069, or 
Equation: 


1 


— 4,-1.4069 _ 
0.03918 = 10 = Jpi4069 


To obtain the common logarithm of a number, use the log button on your 
calculator. To calculate a number from its logarithm, take the inverse log of the 
logarithm, or calculate 10* (where x is the logarithm of the number). 


The natural logarithm of a number (In) is the power to which e must be raised 
to equal the number; e is the constant 2.7182818. For example, the natural 
logarithm of 10 is 2.303; that is, 


Equation: 


10 = e239 — 2.71828187-308 


To obtain the natural logarithm of a number, use the /n button on your 
calculator. To calculate a number from its natural logarithm, enter the natural 
logarithm and take the inverse In of the natural logarithm, or calculate e* 
(where x is the natural logarithm of the number). 


Logarithms are exponents; thus, operations involving logarithms follow the 
same rules as operations involving exponents. 


1. The logarithm of a product of two numbers is the sum of the logarithms of 
the two numbers. 
Equation: 


log zy = logz+logy, andlnzay=Inz+Iny 


2. The logarithm of the number resulting from the division of two numbers 
is the difference between the logarithms of the two numbers. 
Equation: 


ioe — = log x — log y, and In ~ =Ing—Iny 
Y Y 


3. The logarithm of a number raised to an exponent is the product of the 
exponent and the logarithm of the number. 
Equation: 


log x” = nlogz and Inz” = nlnz 


The Solution of Quadratic Equations 
Mathematical functions of this form are known as second-order polynomials 
or, More commonly, quadratic functions. 


Equation: 


ar? +br+c=0 


The solution or roots for any quadratic equation can be calculated using the 
following formula: 
Equation: 


—b+/b? — 4ac 
2a 


Example: 

Solving Quadratic Equations 

Solve the quadratic equation 3x* + 13x - 10 = 0. 

Solution 

Substituting the values a = 3, b = 13, c = —-10 in the formula, we obtain 
Equation: 


—13+ 4/(13)?—4 x 3 x (—10) 


sa VA es 
Equation: 
_ -134V169+120  -1347289 9 -13417 
< 6 < 6 7 6 
The two roots are therefore 
Equation: 
Sllyse ly —13-—17 


Quadratic equations constructed on physical data always have real roots, and 
of these real roots, often only those having positive values are of any 
significance. 


Two-Dimensional (x-y) Graphing 


The relationship between any two properties of a system can be represented 
graphically by a two-dimensional data plot. Such a graph has two axes: a 
horizontal one corresponding to the independent variable, or the variable 
whose value is being controlled (x), and a vertical axis corresponding to the 
dependent variable, or the variable whose value is being observed or measured 


(y). 


When the value of y is changing as a function of x (that is, different values of x 
correspond to different values of y), a graph of this change can be plotted or 
sketched. The graph can be produced by using specific values for (x,y) data 
pairs. 


Example: 
Graphing the Dependence of y on x 


x af 
if 5 
2 10 
3 7 
4 14 


This table contains the following points: (1,5), (2,10), (3,7), and (4,14). Each 
of these points can be plotted on a graph and connected to produce a graphical 
representation of the dependence of y on x. 


Dependence of y on x 


If the function that describes the dependence of y on x is known, it may be 
used to compute x,y data pairs that may subsequently be plotted. 


Example: 

Plotting Data Pairs 

If we know that y = x? + 2, we can produce a table of a few (x,y) values and 
then plot the line based on the data shown here. 


x y=x2+2 


y=x-+2 


y=x*+2 


3.5 


4.5 


Units and Conversion Factors 


Units of Length 


= 39.37 inches 


(in.) 
meen) = 1.094 yards 
(yd) 
centimeter = 0.01 m (exact, 
(cm) definition) 
millimeter = 0.001 m (exact, 
(mm) definition) 
kilometer = 1000 m (exact, 
(km) definition) 


Units of Volume 


angstrom 


(A) 


yard (yd) 


inch (in.) 


mile 
(US) 


=10" an 
(exact, 
definition) 
=10- 0m 
(exact, 
definition) 


= 0.9144 m 


= 2.54 cm 
(exact, 
definition) 


= 1.60934 km 


Units of Volume 


liter (L) 


milliliter 
(mL) 


microliter 
(uL) 


Units of Mass 


gram (g) 


= 0.001 m? 
(exact, 
definition) 
= 1000 cm? 
(exact, 
definition) 


= 1.057 (US) 


quarts 


= 0.001 L 
(exact, 
definition) 
= 1 cm? 
(exact, 
definition) 


=10° 
(exact, 
definition) 
= 10° cm? 
(exact, 
definition) 


= 0.001 kg 
(exact, 
definition) 


= 32 (US) liquid 
ounces (exact, 


oes definition) 

(us) = 0.25 (US) gallon 
(exact, definition) 
= 0.9463 L 

ary 4 1012. 

quart 

cubic 

foot = 28.316 L 

(US) 

ounce (0z) _ 

(avoirdupois) ieee a 


Units of Mass 


milligram coe 
(mg) (exact, 
definition) 
= 1000 g 
kilogram (exact, 
(kg) definition) 
= 2.205 lb 
=1000 kg 
ton (exact, 
(metric) definition) 
= 2204.62 |b 
Units of Energy 


4.184 joule (J) 


1 
thermochemical 
calorie (cal) 


pound (Ib) 
(avoirdupois) 


ton (short) 


ton (long) 


= 1 thermochemical calorie (cal) 


= 4.184 x 107 erg 


erg = 10-7 J (exact, definition) 


electron-volt 
(eV) 


liter-atmosphere 


= 0.4535924 
kg 


=2000 Ib 
(exact, 
definition) 

= 907.185 kg 


= 2240 |b 
(exact, 
definition) 
= 1.016 metric 
ton 


= 1.60218 x 10°19 J = 23.061 kcal mol! 


= 24.217 cal = 101.325 J (exact, definition) 


Units of Energy 


aa = 1000 cal (exact, definition) = 4184 J 
= 1054.804 J[ footnote | 
BTU is the amount of energy needed to heat one 
pound of water by one degree Fahrenheit. 
Therefore, the exact relationship of BTU to 

British thermal joules and other energy units depends on the 

unit (BTU) temperature at which BTU is measured. 59 °F 
(15 °C) is the most widely used reference 
temperature for BTU definition in the United 
States. At this temperature, the conversion factor 
is the one provided in this table. 


Units of Pressure 
torr = 1 mm Hg (exact, definition) 


= N m® (exact, definition) 
pascante) = kg m! s* (exact, definition) 

= 760 mm Hg (exact, definition) 

= 760 torr (exact, definition) 

= 101,325 N m (exact, definition) 
= 101,325 Pa (exact, definition) 


atmosphere (atm) 


= 10° Pa (exact, definition) 


bar = 10° kg m! s~* (exact, definition) 


Fundamental Physical Constants 


Fundamental Physical Constants 


Name and Symbol Value 

atomic mass unit (amu) 1.6605402 x 10°” kg 
Avogadro’s number 6.0221367 x 1073 mol! 
Boltzmann’s constant (k) 1.380658 x 102 JK! 


charge-to-mass ratio for 


11 -1 
eens 1.75881962 x 10!! C kg 


electron charge (e) 1.60217733 x 10 19C 
electron rest mass (m,) 9.1093897 x 10°73! kg 
Faraday’s constant (F) 9.6485309 x 10*C mol! 


as constant (R) 8.205784 x 10°* L atm mol"! K"! = 
: 8.314510 J mol! kK! 
molar volume of an ideal 59.41409 L, mol! 
gas, 1 atm, 0 °C 
molar volume of an ideal aif 
gas, 1 bar, 0 °C 22.71108 L mol 


neutron rest mass (m,) 1.6749274 x 10°°’ kg 


Fundamental Physical Constants 


Name and Symbol 
Planck’s constant (h) 


proton rest mass (mp) 
Rydberg constant (R) 


speed of light (in vacuum) 


(c) 


Value 
6.6260755 x 10 34 Js 
1.6726231 x 10°?’ kg 


1.0973731534 x 10’ m1 = 
2.1798736 x 10°18 J 


2.99792458 x 108 ms 1 


Water Properties 


Water Density (kg/m?) at Different Temperatures (°C) 


Temperature| footnote] 
Data for t < 0 °C are for supercooled 


water Density 

0 999.8395 

r 999.9720 (density 
maximum) 

10 999.7026 

15 999.1026 

20 998.2071 

22 997.7735 

25 997.0479 

30 995.6502 

40 992.2 

60 983.2 

80 971.8 


100 958.4 


Density of Water as a Function of Temperature 


1005 
1000 
995 
990 
985 
980 
975 
970 
965 
960 
955 


Density (kg/m?) 


0 20 40 60 80 100 120 
Temperature (°C) 


Water Vapor Pressure at Different Temperatures (°C) 


Temperature Vapor Pressure (torr) Vapor Pressure (Pa) 
0 4.6 613.2812 
4 6.1 813.2642 
10 D2 1226.562 


15 12.8 1706.522 


Water Vapor Pressure at Different Temperatures (°C) 


Temperature Vapor Pressure (torr) Vapor Pressure (Pa) 
20 17.5 2333,135 
22 19.8 2639.776 
25 23.8 3173.064 
30 31.8 4239.64 
35 42.2 5626.188 
40 59.3 7372.707 
45 71.9 9585.852 
50 92.5 12332.29 
55 118.0 15732 

60 149.4 19918.31 
65 187.5 24997.88 
70 233.7 31157.35 
75 289.1 38543.39 
80 355.1 47342.64 
85 433.6 57808.42 


90 925.8 70100.71 


Water Vapor Pressure at Different Temperatures (°C) 


Temperature Vapor Pressure (torr) Vapor Pressure (Pa) 
95 633.9 84512.82 
100 760.0 101324.7 


Vapor Pressure as a Function of Temperature 


Vapor pressure (torr) 
as 
[o) 
oO 


0 20 40 60 80 100 120 
Temperature (°C) 


Water K,, and pK,, at Different Temperatures (°C) 


Water K,, and pK,, at Different Temperatpikes|(2@)note| 


Temperature K,, 10°14 pK,, = —logjo(K,,) 
pK,, [footnote] 
Temperature K,, 10-4 pK, = —logio(Kw) 
0 0.112 14.95 
5 0.182 14.74 
10 0.288 14.54 
15 0.465 14.33 
20 0.671 14.17 
25 0.991 14.00 
30 1.432 13.84 
35 2.042 13.69 
AO 2.851 13.55 
45 017 13.41 
50 5.297 13.28 
55 7.080 13.15 
60 9.311 13.03 
75 19.95 12.70 


100 96.23 12.25 


Water pK, as a Function of Temperature 


0 50 100 150 200 250 300 350 400 
Temperature (°C) 


Specific Heat Capacity for Water 
C°(H2O0())) = 4184 J-K hkg 1 = 4.184 eg tec? 
C°(H20(s)) = 1864 J-K kg! 


C°(H20(g)) = 2093 J-K kg! 


Standard Water Melting and Boiling Temperatures and 
Enthalpies of the Transitions 


Temperature (K) AH (kJ/mol) 
melting 273.15 6.088 
boiling 373.15 40.656 (44.016 at 298 K) 


Water Cryoscopic (Freezing Point Depression) and Ebullioscopic 
(Boiling Point Elevation) Constants 


K, = 1.86°C-kg-mol | (cryoscopic constant) 


K, = 0.51°C-kg-mol $ (ebullioscopic constant) 


Absorption (1/m) 


Water Full-Range Spectral Absorption Curve 


UV VIS Near IR Mid IR Far IR EHF 


10 nm 100 nm 1pm 10 um 100 um 1mm 10 mm 
Wavelength 


Water full-range spectral absorption curve. This curve shows the full- 
range spectral absorption for water. The y-axis signifies the absorption 
in 1/cm. If we divide 1 by this value, we will obtain the length of the 
path (in cm) after which the intensity of a light beam passing through 
water decays by a factor of the base of the natural logarithm e (e = 
2.718281828). 


Composition of Commercial Acids and Bases 


Acid or 
Base[footnote] 
Acids and bases 
are commercially 
available as 
aqueous 
solutions. This 
table lists 
properties 
(densities and 
concentrations) of 
common acid and 
base solutions. 
Nominal values 
are provided in 
cases where the 
manufacturer 
cites a range of 
concentrations 
and densities. 


acetic acid, glacial 


Composition of Commercial Acids and Bases 


Density (g/mL) 
[footnote] 

This column 
contains specific 
gravity data. In 
the case of this 
table, specific 
gravity is the 
ratio of density 
of a substance to 
the density of 
pure water at 
the same 
conditions. 
Specific gravity 
is often cited on 
commercial 
labels. 


1.05 


Percentage 
by Mass 


99.5% 


Molarity 


17.4 


aqueous 
ammonia footnote | 
This solution is 
sometimes called 
“ammonium 
hydroxide,” 
although this term 
is not chemically 
accurate. 


hydrochloric acid 
nitric acid 
perchloric acid 
phosphoric acid 
sodium hydroxide 


sulfuric acid 


0.90 


153 


1.84 


28% 


36% 


71% 


70% 


85% 


50% 


96% 


14.8 


Standard Thermodynamic Properties for Selected Substances 


Standard Thermodynamic Properties for Selected Substances 


Substance 
aluminum 
Al(s) 
Al) 
Al?*(aq) 
Al O3(s) 
AIF3(s) 


AICI,(s) 
AICl3:6H>O(s) 
AlyS3(s) 
Al,(SO4)3(s) 


antimony 


2691.57 


—724.0 


3445.06 


AG; (kJ 
mol!) 


0 
285.7 
—485 
—1582 
—1425 


—628.8 
—2269.40 
—492.4 


—3506.61 


So93 (J K- 
1 mol“) 


28.3 
164.54 
=o 2127 
50.92 
66.5 


110.67 
376.56 
116.9 


239.32 


Standard Thermodynamic Properties for Selected Substances 


Substance 


Sb(s) 
Sb(g) 


Sb4O¢(s) 


SbCI3(g) 
SbCI5(g) 
Sb2S3(s) 
SbCI3(s) 
SbOCI\(s) 
arsenic 
As(s) 
As(g) 


As4(g) 
As4O,g(s) 


As Os(s) 


262.34 


1440.55 
—313.8 

—394.34 
—174.89 
—382.17 


—374.0 


1313.94 


—924.87 


AG; (kJ 


mol) 
0 


222.17 
—1268.17 


—301.2 
—334.29 
—173.64 


320.72 


—1152.52 


—782.41 


So93 (J K- 
1 mol“) 


45.69 
180.16 


220.92 


337.80 
401.94 
182.00 


184.10 


214.22 


105.44 


Standard Thermodynamic Properties for Selected Substances 


Substance 
AsCl3(g) 
AS»S3(s) 
AsH3(g) 
H3AsO,(s) 
barium 
Ba(s) 
Ba(g) 
Ba**(aq) 
BaO(s) 
BaCl,(s) 
BaSO,(s) 
beryllium 
Be(s) 
Be(g) 


BeO(s) 


AH, 
(kJ 
mol) 
—261.50 
—169.03 
66.44 


—906.3 


AG, (kJ 
mol) 


—248.95 
—168.62 


68.93 


0 

146 
—560.8 
—520.3 
—806.7 


—1362.3 


So9g (J K- 
1 mol“) 


327.06 
163.59 


222.78 


Standard Thermodynamic Properties for Selected Substances 


Substance 
bismuth 
Bi(s) 
Bi(g) 
Bi,O3(s) 
BiCl3(s) 
BiyS3(s) 
boron 
B(s) 
Bg) 
B»03(s) 


BoHe(9) 


H3BO3(s) 


BF3(g) 


BCI3(g) 


B3N3H¢(/) 


1094.33 
—1136.0 
—403.8 


—540.99 


AG, (kJ 
mol!) 


0 

168.2 
—493.7 
—315.06 


—140.6 


So93 (J K- 
1 mol“) 


96.74 
187.00 
151.5 
176.98 


200.4 


5.86 
153.4 
Do? 


232.1 
88.83 


254.4 
290.1. 


199.58 


Standard Thermodynamic Properties for Selected Substances 


Substance 
HBO>(s) 
bromine 
Br,(I) 
Bro(g) 
Br) 

Br (aq) 
BrF3(g) 
HBr(g) 
cadmium 
Cd(s) 
Cd(g) 
Cd?*(aq) 
CdO(s) 
CdCly(s) 


CdSO,(s) 


AH, 
(kJ 
mol) 


—794.25 


AG, (kJ 
mol) 


—723.41 


0 

3.142 
82.429 
—102.82 
=2 20.40 


—53.43 


So (J K- 
1 mol“) 


37.66 


152.23 
245.5 
175.0 
80.71 
292342 


198.7 


51.76 
167.75 
=Vae 
54.8 
115.3 


123.0 


Standard Thermodynamic Properties for Selected Substances 


Substance 
CdS(s) 
calcium 
Ca(s) 

Ca(g) 
Ca**(aq) 
CaO(s) 
Ca(OH)s(s) 


CaSO,(s) 
CaSO,:2H»O(s) 
CaCO3(s) (calcite) 
CaSO3°H»O(s) 


carbon 
C(s) (graphite) 


C(s) (diamond) 


AH, 
(kJ 
mol) 


—161.9 


2022.63 


—1220.0 


1752.68 


AG; (kJ 
mol!) 


—156.5 


0 

144.3 
—553.04 
—603.3 
—897.5 


—1322.0 
—1797.45 
—1081.4 


—1555.19 


So (J K- 
1 mol“) 


64.9 


41.6 
154.88 
OO 
38.1 
83.4 


106.5 
194.14 
110.0 


184.10 


5.740 


2.38 


Standard Thermodynamic Properties for Selected Substances 


Substance 


C(g) 


CO) 
CO(g) 
CO3 * (aq) 
CH4(g) 
CH3OH(I) 
CH;0H(g) 
ccl,() 
CCLAg) 
CHCI,3(I) 
CHCI,(g) 
CS,(I) 
CS2(g) 
C2H2(g) 


C»H4(g) 


AH; 
(kJ 
mol) 
716.681 
—110.52 
—393.51 
—677.1 
—74.6 
—239.2 
—201.0 
—128.2 
—95.7 
—134.1 
—103.14 
89.70 
116.9 
227.4 


92.4 


AG; (kJ 
mol) 


671.2 
—137.15 
—394.36 
—527.8 
—50.5 
—166.6 
—162.3 
—62.5 
—58.2 
=7 3.7 
—70.34 
65.27 
66.8 
209.2 


68.4 


So93 (J K- 
1 mol“) 


158.1 
is ge 
213.8 
—56.9 
186.3 
126.8 
230-0 
214.4 
309.7 
201.7 
295.71 
151.34 
238.0 
200.9 


219.3 


Standard Thermodynamic Properties for Selected Substances 


Substance 
CH¢(g) 
CH;CO,H() 
CH3CO2H(g) 
CoHsOH(I) 
C,H50H(g) 
HCOs3 (aq) 
C3He(g) 
CoHe(g) 
CoH (1) 
CHCl (I) 
CH Chg) 
CH3Cl(g) 
CoHsCl(I) 
CyHsCl@g) 


C»N(g) 


AH; 
(kJ 
mol) 
—84.0 
484.3 
434.84 
—277.6 
—234.8 
—691.11 
—103.8 
82.927 
49.1 
—124.2 
—95.4 
—81.9 
—136.52 


—112.17 


308.98 


AG; (kJ 
mol) 


—32.0 
—389.9 
—376.69 
—174.8 
—167.9 
—587.06 
—23.4 
129.66 
124.50 
—63.2 
—65.90 
—60.2 
—59.31 
—60.39 


297.36 


So9g (J K- 
1 mol“) 


229.2 
159.8 
282.50 
160.7 
281.6 
95 
270.3 
269.2 
173.4 
177.8 
270.2 
234.6 
190.79 
276.00 


241.90 


Standard Thermodynamic Properties for Selected Substances 


Substance 


HCN() 
HCN(g) 
cesium 
Cs"(aq) 
chlorine 
Clg) 
Clg) 
Cl'(aq) 
CIF(g) 
CIF3(g) 
Cl,0() 
Cl,0,(1) 
Cl,0,(g) 
HCl(g) 


HCIO,(1) 


AH, 
(kJ 
mol) 


108.9 


135.5 


—248 


AG, (kJ 
mol) 


125.0 


124.7 


—282.0 


95.299 


So93 (J K- 
1 mol“) 


112.8 


201.8 


133 


186.9 


Standard Thermodynamic Properties for Selected Substances 


Substance 
chromium 
Cr(s) 

Cr(g) 

CrOq * (aq) 
CryO7 *(aq) 
Cr,03(s) 
CrO3(s) 
(NH4)2Cr207(s) 
cobalt 

Co(s) 
Co**(aq) 
Co**(aq) 
CoO(s) 
Co30,(s) 


Co(NO3)2(s) 


AG; (kJ 
mol) 


So9g (J K- 
1 mol") 


Standard Thermodynamic Properties for Selected Substances 


AH; 

(kJ AG, (kJ So9g (J K- 
Substance mol) mol!) 1 mol!) 
copper 
Cu(s) 0 0 33.15 
Cu(g) 338.32 298.58 166.38 
Cu'(aq) 51.9 50.2 —26 
Cu?*(aq) 64.77 65.49 ~99.6 
CuO(s) —157.3 —129.7 42.63 
CuyzO(s) —168.6 —146.0 93.14 
CuS(s) —53.1 —53.6 66.5 
CuzS(s) —79.5 —86.2 120.9 
CuSO,(s) —771.36 —662.2 109.2 
Cu(NO3)>(s) —302.9 — — 
fluorine 
F,(g) 0 0 202.8 
F(g) 79.4 62.3 158.8 


F-(aq) -332.6 ~278.8 -13.8 


Standard Thermodynamic Properties for Selected Substances 


Substance 
F,0(9) 
HF(g) 
hydrogen 
H>(g) 
H(g) 
H"(aq) 
OH (aq) 
H30"(aq) 
H,O(1) 
H,0(g) 
H,0,(1) 
H703(9) 
HF(g) 
HCl(g) 


HBr(g) 


AH, 
(kJ 
mol) 


24.7 


=273:3 


AG, (kJ 
mol) 


41.9 


—275.4 


So93 (J K- 
1 mol“) 


247.43 


173.8 


Standard Thermodynamic Properties for Selected Substances 


Substance 


HI(g) 
HS(g) 
HSe(g) 
iodine 
In(s) 
1,(9) 
I(g) 
I'(aq) 
IF(g) 
ICI(g) 
IBr(g) 
IF7(g) 
HI(g) 
iron 


Fe(s) 


AH, 
(kJ 

mol) 
26.48 
—20.6 


2937 


AG; (kJ 
mol) 


1.70 
—33.4 


15.9 


So9g (J K- 
1 mol") 


206.59 
205.8 


219.0 


116.14 
260.7 
180.8 
ie 
236.06 
247.44 
258.66 
346.44 


206.59 


27.3 


Standard Thermodynamic Properties for Selected Substances 


Substance 
Fe(g) 
Fe?*(aq) 
Fe**(aq) 
Fe,03(s) 
Fe304(s) 
Fe(CO);(1) 
Fe(CO)s(g) 
FeCl,(s) 
FeCl3(s) 
FeO(s) 
Fe(OH)3(s) 
Fe(OH)3(s) 
FeS(s) 
Fe3C(s) 


lead 


AH; 
(kJ 
mol) 
416.3 
—89.1 
—48.5 
—824.2 
—1118.4 
—774.04 
—733.87 
—341.79 
—399.49 
—272.0 
—569.0 
—823.0 
—100.0 


25.10 


AG; (kJ 
mol) 


370.7 


—78.90 


So93 (J K- 
1 mol“) 


180.5 
—137.7 
=p199 
87.40 
146.4 
338.07 
445.18 
117.95 
142.3 
60.75 
88. 
106.7 
60.29 


104.60 


Standard Thermodynamic Properties for Selected Substances 


Substance 
Pb(s) 

Pb(g) 
Pb**(aq) 
PbO(s) (yellow) 
PbO(s) (red) 
Pb(OH)>(s) 
PbS(s) 
Pb(NO3)9(s) 
PbO,(s) 
PbCl,(s) 
lithium 
Li(s) 

Lig) 
Li*(aq) 


LiH(s) 


AH, 
(kJ 
mol) 


AG; (kJ 
mol) 


0 

162. 
—24.43 
—187.89 


—188.93 


=293.3 


—68.3 


So9g (J K- 
1 mol“) 


64.81 
175.4 
10.5 


68.70 


136.0 


29.1 
138.8 
13.4 


20.0 


Standard Thermodynamic Properties for Selected Substances 


Substance 


Li(OH)\(s) 


LiF(s) 


LiyCO3(s) 


magnesium 


Mg?*(aq) 


manganese 


Mn(s) 
Mn(g) 
Mn?*(aq) 
MnO(s) 


MnO>;(s) 


Mn ,0;(s) 


Mn30,(s) 


MnO, (aq) 


AH, 
(kJ 
mol) 


—487.5 


—616.0 


1216.04 
—466.9 


0 

280.7 
—220.8 
—385.2 
—520.03 


—958.97 


1378.83 


—541.4 


AG; (kJ 
mol) 


—441.5 


—587.5 


—1132.19 


—454.8 


0 
238.5 
—228.1 
—362.9 
—465.1 


—881.15 
—1283.23 


~447,2 


So9g (J K- 
1 mol") 


42.8 


35.7 


90.17 


—138.1 


32.0 

L737 
—73.6 
99.71 
53.05 


110.46 
155.64 


LOL, 2 


Standard Thermodynamic Properties for Selected Substances 


Substance 
MnO, * (aq) 
mercury 

Hg(!) 

Hg(g) 
Hg**(aq) 
Hg**(aq) 
HgO(s) (red) 
HgO(s) (yellow) 
HgCly(s) 
Hg2Ch(s) 
HgS(s) (red) 
HgS(s) (black) 
HgSO,(s) 
nickel 


Ni?*(aq) 


AH, 
(kJ 
mol) 


—653.0 


172.4 

—90.83 
—90.46 
—224.3 
—265.4 
—58.16 
—53.56 


—707.51 


—64.0 


AG; (kJ 
mol) 


—500.7 


46.4 


So93 (J K- 
1 mol“) 


Bye 


73.9 


175.0 


84.5 

70.29 
71.13 
146.0 
191.6 
82.4 

88.28 


0.00 


—159 


Standard Thermodynamic Properties for Selected Substances 


Substance 
nitrogen 
N>(g) 
Ng) 
NO) 
NO2(g) 
N,O0(9) 
N203(9) 
NOs “(aq) 
N204(9) 
N2O5(9) 
NH3(g) 
NH, *(aq) 
N>HA() 
N>H4(g) 


NH,NO;(s) 


472.704 


90.25 


33.2 


81.6 


83.72 


—205.0 


11.1 


11.3 


—45.9 


—132.5 


50.63 


95.4 


—365.56 


AG; (kJ 
mol) 


So9g (J K- 
1 mol") 


191.6 
153.3 
210.8 
240.1 
220.0 
312.17 
146.4 
304.4 
355.7 
192.8 
113.4 
121.21 
238.5 


151.08 


Standard Thermodynamic Properties for Selected Substances 


Substance 
NH,Cl(s) 
NH,Br(s) 
NHagl(s) 
NH,NO>,(s) 
HNO;(I) 
HNO3(g) 
oxygen 
O2(g) 

O(g) 

O3(g) 
phosphorus 
P4(s) 

P4(g) 

P(g) 


PH3(g) 


AH, 
(kJ 
mol) 
—314.43 
—270.8 
—201.4 
—256.5 


—174.1 


—133.9 


AG; (kJ 
mol) 


—202.87 
=l752 


—112.5 


24.4 
27625 


13.5 


So9g (J K- 
1 mol“) 


94.6 


113.0 


Standard Thermodynamic Properties for Selected Substances 


Substance 


PCI3(g) 
PCI5(g) 
P40¢(Ss) 
P4010(S) 
PO4 * (aq) 
HPO3(s) 
HPO, *(aq) 
HPO, 7 (aq) 
H3PO%(s) 
H3PO3(s) 
H3PO,(s) 
H3PO,(1) 
H4P207(s) 
POCI,3(I) 


POCI3(g) 


AH; 
(kJ 
mol) 
—287.0 
—374.9 
—1640.1 
—2984.0 
—1277 
—948.5 
—1292.1 
—1296.3 
—604.6 
—964.4 
—1279.0 
—1266.9 
—2241.0 
—597.1 


—558.5 


AG, (kJ 
mol!) 


—267.8 


—305.0 


So9g (J K- 
1 mol“) 


311.78 


364.4 


Standard Thermodynamic Properties for Selected Substances 


Substance 
potassium 
K(s) 

K(g) 
K*(aq) 
KF(s) 
KC\(s) 
rubidium 
Rb*(aq) 
silicon 
Si(s) 

Si(g) 
SiO>(s) 


SiH4(g) 


H»Si0O3(s) 


246 


1188.67 


AG, (kJ 
mol!) 


—282.2 


—1092.44 


So93 (J K- 
1 mol“) 


64.7 

160.3 
102.5 
66.57 


82.6 
124 


18.8 
168.0 
41.5 


204.6 


133.89 


Standard Thermodynamic Properties for Selected Substances 


Substance 
H,SiO,(s ) 
SiF4(g) 


SiCL,(J) 


SiCl4(g) 


SiC(s, beta cubic) 


SiC(s, alpha 


hexagonal) 
silver 
Ag(s) 
Ag) 
Ag*(aq) 
Ag O(s) 
AgCl(s) 
Ag>S(s) 


sodium 


AH, 
(kJ 
mol) 
1481.14 
—1615.0 
—687.0 


—662.75 


=/3.22 


=7:1;59 


AG; (kJ 
mol) 


—1333.02 


—1572.8 
—619.8 
—622.58 


—70.71 


—69.04 


So9g (J K- 
1 mol") 


192.46 


282.8 
239.7 
330.62 


16.61 


16.48 


42.55 
172.89 
72.68 
121.3 
96.3 


144.0 


Standard Thermodynamic Properties for Selected Substances 


Substance 
Na(s) 
Na(g) 
Na*(aq) 
Na O(s) 
NaC\(s) 
strontium 
Sr**(aq) 
sulfur 
Sa(s) (rhombic) 
Sg) 
S*(aq) 
SO2(g) 
SO3(g) 
SO, * (aq) 


S»03 * (aq) 


—545.8 


AG; (kJ 
mol) 


—557.3 


So93 (J K- 
1 mol“) 


91.3 
153.7 
59 
79.1 


72.1 
—32.6 


256.8 
167.82 
22 
248.2 
256.76 
20.1 


67 


Standard Thermodynamic Properties for Selected Substances 


Substance 


H2S(g) 


HS (aq) 
H2SO,() 


HSO, *-(aq) 
HS 70,(s) 
SF4(9) 
SFe(g) 
SCL(1) 
SCl(g) 
S,Cl,(I) 
S»Ch(g) 
SOCI(g) 
SOC] (I) 
SO;Cl,(I) 


SO»Cl)(g) 


AH, 
(kJ 
mol) 


—20.6 


—17.7 


813.989 
—885.75 
—1273.6 
—728.43 


—1220.5 


AG, (kJ 
mol) 


—33.4 


12.6 


690.00 


—310.45 


So (J K- 
1 mol“) 


205.8 


61.1 


156.90 


311.83 


Standard Thermodynamic Properties for Selected Substances 


AH; 

(kJ AG; (KJ So9g (JK 
Substance mol) mol!) ! mol!) 
tin 
Sn(s) 0 0 51.2 
Sn(q) 301.2 266.2 168.5 
SnO(s) 285.8 9565 565 
Sn0,(s) 55776 515.8 49.0 
snCl4(1) S513 440.1 258.6 
SnCl4(g) 471.5 432.2 365.8 
titanium 
Ti(s) 0 0 30.7 
Ti(g) 473.0 428.4 180.3 
TiO2(s) 944.0 888.8 50.6 
TICla(D 804.2 27375 252.4 
TiClig) 763.2 7963 353.2 
tungsten 


W(s) 0 0 32.6 


Standard Thermodynamic Properties for Selected Substances 


Substance 
wg) 
WO3(s) 
zinc 
Zn(s) 
Zn(g) 
Zn**(aq) 
ZnO(s) 
ZnCly(s) 
ZnS(s) 
ZnSO,(s) 
ZnCO;(s) 


complexes 


[Co(NH3)4(NOz)2]NOs, 


CIS 


[Co(NH3)4(NO>)2]NO3, 


trans 


AH, 
(kJ 
mol) 


849.4 


—842.9 


—898.7 


—896.2 


AG; (kJ 
mol) 


807.1 


—764.0 


0 

95.14 
—147.1 
—320.5 
—369.43 
—201.3 
—871.5 


=f kos 


So9g (J K- 
1 mol“) 


174.0 


7.0 


Standard Thermodynamic Properties for Selected Substances 


Substance 
NH,[Co(NH3)2(NO>)aq] 


[Co(NH3)g] 
[Co(NH3)9(NO»)a]3 


[Co(NH3)4Cl5ICl, cis 
[Co(NH3)4Cl>|Cl, trans 


[Co(en)2(NO>)2]NO3, 
cis 


[Co(en),Cly]Cl, cis 
[Co(en),Cl,]Cl, trans 
[Co(en)3](ClO4)3 
[Co(en)3|Bro 
[Co(en)3]I5 

[Co(en)3]I3 
[Co(NHs)gl(ClO,); 
[Co(NH3);NO>](NO3), 


[Co(NH3)¢](NO3)3 


AH, 
(kJ 
mol) 


—837.6 
—2733.0 


—874.9 


—877.4 
—689.5 


—681.2 
—677.4 
—762.7 
—595.8 
—475.3 
—519.2 
—1034.7 
—1088.7 


—1282.0 


AG, (kJ 
mol!) 


So9g (J K- 
1 mol!) 


331 


448 


Standard Thermodynamic Properties for Selected Substances 


AH, . 

(kJ AG: (KJ. Soo (JK 
Substance mol) mol) 1 mol“) 
[Co(NH3);CIICI, 1017.1 | 582.5 366.1 
[Pt(NHs)4]Cl L795 6 = _ 
[Ni(NH3)g]Cl, 994.1 = = 
[LNi(NH3)¢]Bro —923.8 — — 


[Ni(NH3)¢]I 808.3 = = 


Ionization Constants of Weak Acids 


Ionization Constants of Weak Acids 


K, at 
25 
Acid Formula a Lewis Structure 
H ° O° 
| 18 ) ile. 
acetic CH3CO,H x H—-C—_C—O: 
10°? | | 
H H 
5.5 
H3AsO, x 
10°° ae 
O 
L7 o _ 
arsenic H2ASO,- x OH —AS— OH 
1077 ee | ee 
>OH 
5.1 ee 
HAsO,2— x 


Ionization Constants of Weak Acids 


Acid Formula 
arsenous H3AsO3 
boric H3BO3 
H,CO3 
carbonic 
HCO,~ 


K, at 
25 
°C 


10°10 


19710 


Lewis Structure 


H H 
lo. | 
ee 

:O—-H 
H 
=a 
| 
B 
at ser 
| 
H 
HO. 
fo 
HO ee 


Ionization Constants of Weak Acids 


Acid 


cyanic 


formic 


hydrazoic 


hydrocyanic 


hydrofluoric 


hydrogen 
peroxide 


Formula 


HCNO 


HCO,H 


HN; 


HCN 


HF 


H)0> 


K, at 
25 
°C 


10712 


Lewis Structure 


H v4 
H—O—O—H 


Ionization Constants of Weak Acids 


Acid 


hydrogen 


selenide 


hydrogen 
sulfate ion 


hydrogen 
sulfide 


hydrogen 
telluride 


Formula 


H)Se 


HSe— 


HSO,- 


H,S 


HS™ 


HyTe 


K, at 
25 
°C 


1.29 
x 
104 


i 
10°12 


Lewis Structure 


co 
i. 
a ame 

O—H 


Ionization Constants of Weak Acids 


Acid 


hypobromous 


hypochlorous 


nitrous 


oxalic 


phosphoric 


Formula 


HIe— 


HBrO 


HClO 


HNO, 


HCO, 


HC,0,- 


H3PO, 


K, at 
25 
°C Lewis Structure 


1.6 
x 
19711 


Ionization Constants of Weak Acids 
K, at 
25 

Acid Formula °C 
6.2 


HPO, — x 
10° 


HPO,7 =x 


H3PO; 


phosphorous 
H 2 PO, x 


H)SO3 x 


sulfurous 


HSO;, x 


Lewis Structure 


—S—OH 


Ionization Constants of Weak Bases 


Ionization Constants of Weak Bases 


Base Lewis Structure 
H-—N-—H 
ammonia | 
H 
iol 
dimethylamine ACN" 
H H 
H 
methylamine n—C—N—h 


Ky at 25 
°C 


1.8 x 
10°° 


4.4 x 
10-4 


Ionization Constants of Weak Bases 


Ky at 25 
Base Lewis Structure °C 
H 
CG 
jie Sse—5 
phenylamine | | | 4.3 Xx 
(aniline) H—C i ee —= 10-10 
& 
| 
N 
yer ty 
H 
H—C—H 
trimethylamine 1 U 1 ae is 
Ft 
H—C C—H 


Solubility Products 


Solubility Products 


Substance 
aluminum 
Al(OH)3 
barium 
BaCO3 

BaC ,04:2H 20 
BaSO, 
BaCrO, 

BaF» 
Ba(OH) 8H 20 
Ba3(PO4)2 
Ba3(AsO4)2 
bismuth 


BiO(OH) 


Kp at 25 °C 


2 x 10°*2 


1.6 x 10° 
1.1 x 1077 
2.3 x 10° 
8.5 x 10 
2.4 x 10° 
5.0 x 10° 
6 x 10°39 


1.1 x 1078 


4x 19°10 


Solubility Products 
Substance 
BiOCl 

BinS3 
cadmium 
Cd(OH)> 
CdS 

CdCO3 
calcium 
Ca(OH)> 
CaCO3 
CaSO4-2H,O 
CaC,0,4°H2O 
Ca3(PO4)2 
CaHPO, 
CaF> 
chromium 


Cr(OH)3 


K.p at 25 °C 
1.8 x 1073! 


1 x 10°97 


5.9 x 10° 
1.0 x 10°28 


5.2 x 10°72 


133 10°% 

8.7 x 10° 

6.1 x 10° 

1.96 x 10°8 
1.3 x 10° 
7x 107 


4.0 x 1071! 


6.7 x 10°21 


Solubility Products 
Substance 
cobalt 
Co(OH)>» 
CoS(a) 
CoS(B) 
CoCO3 
Co(OH)3 
copper 
CuCl 
CuBr 

Cul 
CuSCN 
CuoS 
Cu(OH)> 
CuS 
CuCO3 


iron 


Kg at 25 °C 


2.5 x 10°16 
5 x 10°22 
3 x 10°26 
1.4 x 10° 8 


2.5 x 10°43 


125 10°% 
6.27 x 10° 
1.27 x 10°! 
1.6 x 10° 
2.5 x 10% 
2.2 x 10-7 
8.5 x 10°49 


2.5 x 10°10 


Solubility Products 


Substance 
Fe(OH)> 
FeCO3 
FeS 
Fe(OH)3 
lead 
Pb(OH)> 
PbF> 
PbCly 
PbBr> 
PbI> 
PbCO3 
PbS 
PbCrO, 
PbSO,4 
Pb3(PO,)o 


magnesium 


K,p at 25 °C 
1.8 x 10° 
21x10" 
37 <x 10." 


4x 10°°8 


1.2 x 10° 
4x 10° 
1.6 x 10° 
4.6 x 10° 
1.4 x 10°8 
1.5 x 10°) 
7 x 10-9 
2x 10°16 
1.3 x 10° 


1 x 10-4 


Solubility Products 


Substance 


Mg(OH)>2 


MgNH,PO, 


MgF> 
MgC,0, 
manganese 
Mn(OH)> 
MnCO3 
MnS 
mercury 
Hg ,0°H,O 
Hg2Cly 
Hg>Bry 
Hgol> 

Hg oCO3 


Hg 9504 


Kgp at 25 °C 
8.9 x 10°? 
cal x 10° 
3x 10°48 
6.4 x 10° 


7x 107 


2x 10° 
8.8 x 1071! 


2.3 x 10°18 


3.6 x 10°76 
1.1 x 10718 
1.3 x 10° 
4.5 x 10°29 
9x 10°45 


74x 107 


Solubility Products 
Substance 
HgoS 
Hg»CrO, 
HgS 

nickel 
Ni(OH)> 
NiCO3 
NiS(q@) 
NiS() 
potassium 
KClO4 
K5PtCle 
KHC,4H 406 


silver 


»Ag,O(Ag’ + OH) 


AgCl 


AgBr 


K,p at 25 °C 
1.0 x 10747 
2x 10° 


1.6 x 1074 


1.6 x 10716 
1.4 x 10°” 
4x 10°29 


1.3 x 10°25 


1.05 x 102 
7.48 x 10°° 


3x 1074 


2x 10°8 
1.6 x 10710 


5.0 x 10718 


Solubility Products 
Substance 
Agl 

AgCN 
AgSCN 

Ags 

Ag2CO3 
AgoCrO, 
AgaFe(CN)g 
Ag SO, 
Ag3PO, 
strontium 
Sr(OH)2°8H»,O 
SrCO3 

SrCrO4 

SrSO,4 
SrC,0,4°H,O 


thallium 


K,p at 25 °C 
1.5 x 10°16 
12K A101 
1.0 x 10°!2 
1.6 x 10-9 
8.1 x 10°? 
9.0 x 10°? 
£55 x 10-+ 
125¢10-° 


1.8 x 10718 


3.2 x 10+ 
7 x 10°10 
3.6 x 10° 
3.2 x 10°77 


4x 1077 


Solubility Products 


Substance Kgp at 25 °C 
TICl 1.7 x 104 
TISCN 1.6 x 104 
TIS 6 x 10°72 
T1(OH)s 6.3 x 10°46 
tin 

Sn(OH), 3 x 10°27 
Sns fl a Ct ie 
Sn(OH), 1.0 x 10°97 
zinc 


ZnCO3 210-10 


Standard Electrode (Half-Cell) Potentials 


Standard Electrode (Half-Cell) Potentials 


Half-Reaction E° (V) 
Agi te —> Ag +0.7996 
AgCl+e —> Ag+Cl +0.22233 
[Ag(CN),] +e- —> Ag +2CN- ~0.31 
Ag ,CrO4,+ 2e° —> 2Ag + CrO,?- +0.45 
[Ag(NH3),]" +e —> Ag+ 2NH, +0.373 
[Ag(S2O3),|°* +e —> Ag + 28:03?" +0.017 
[AlF.|> +3e —> Al+6F™ 2.07 
Al’+ +3e° —> Al 1.662 
Am?* + 3e° —> Am 2.048 
Au?! + 3e —> Au +1.498 
Au't+e —> Au +1.692 
Ba?+ + 2e- —> Ba —2.912 


Be?+ + 2e- —> Be -1.847 


Standard Electrode (Half-Cell) Potentials 
Half-Reaction 

Bro(aq) + 2e —> 2Br- 

Ca** + 2e° —> Ca 

Ce? + 3e —> Ce 

Ce“t +e7> —> Ce®* 

Cd** + 2e7 —+ Cd 

[Cd(CN), |? + 2e° —> Cd +4CN7 
[Cd(NHs3),|°* + 2e° —> Cd + 4NH3 

CdS + 2e —> Cd+S* 

Cl, +2e —> 2Cl” 

ClO, + H,0+ 2e — > ClO3 +20H™ 
ClO3 + H,0 + 2e — > ClO. +20H™ 
ClO, + H2,0+ 2e —> ClO +20H™ 
ClO” + H,0 + 2e° — Cl +20H- 
ClO, + 2H30* + 2e° —+ ClO; + 3H20 
ClO3- + 3H3;0° + 2e° —+ HClO. + 4H20 


HCI1O + H30* + 2e° —> Cl + 2H,0 


E° (V) 
+1.0873 
—2.868 
—2.483 
+1.61 
-0.4030 
-1.09 
-0.61 
Ly 
+1.35827 
+0.36 
+0.33 
+0.66 
+0.89 
+1.189 
+1.21 


+1.482 


Standard Electrode (Half-Cell) Potentials 
Half-Reaction 

HClO + H30* +e" —> 4+Cl, + 2H20 
HClO + 2H30* + 2e°§ —> HClO + 3H20 
Co** +e —> Co*t (2 mol // H2SO,) 
Co** + 2e° —> Co 

[Co(NHs),]°* +e —+ [Co(NHs),]"* 
Co(OH); +e —> Co(OH),+ OH 
Cr° + 3e° —> Cr 

Cer aiet SC" 

Cr** + 2e° —> Cr 


[Cu(CN),]| +e  —> Cu+2CN™ 


CrO,2- + 4H,O + 3e> —>+ Cr(OH); + 50H™ 


Cr,07- + 14H30t + 6 —> 2Cr?* + 21H,O 


[Cr(OH),]" + 83e° —> Cr+40H™ 
Cr(OH),+3e —> Cr+30H~ 


Cu2t +e7 —> Cut 


E° (V) 
+1.611 
+1.628 
+1.83 
-0.28 
+0.1 
+0.17 
-0.744 
—0.407 
-0.913 
-0.43 
-0.13 
+1,232 
S12 
—1.48 


+0.153 


Standard Electrode (Half-Cell) Potentials 
Half-Reaction 

Cu** + 2e° —> Cu 

Cut+e — Cu 

Fo+2e —> 2F- 

Fe** + 2e° —> Fe 

Fe®* +e°> —> Fe? 

[Fe(CN),|° +e —> [Fe(CN),|~ 
Fe(OH), + 2e —> Fe+ 20H 
FeS + 2e —> Fe+S?- 

Ga*t +3e° —> Ga 

Gd** + 3e° —> Gd 

+H,+e —> H™ 

2H20 + 2e —> H2+ 20H 

H2O, + 2H30* + 2e° —+ 4H2O 
2H30' + 2e° —> Hy + 2H20 
HO2g +H20+ 2e —> 30H 


Hf*+ + 4e— —> Hf 


Standard Electrode (Half-Cell) Potentials 


Half-Reaction 

Hg”t + 2e° —> Hg 

2Hg”* + 2e- —> Hg,?+ 

Hg,2+ + 2e° —> 2Hg 

[HgBr,|” +2e° —> Hg+4Br 


Hg,Cl, + 2e° —> 2Hg + 2CI- 


[Hg(CN),]? +2e —> Hg+4CN™ 


[Hgl,]* +2e° —> Hg+41- 
HgS + 2e —> Hg+S?- 
I,+2e —> 210° 

In? + 3e —> In 

Kt+e —K 

Lat + 3e° —> La 

Lit+e” — Li 

Lu?+ + 3e —> Lu 

Mg?t + 2e° —> Mg 


Mn2+ + 2e° —> Mn 


E* (V) 
+0.851 
+0.92 
+0.7973 
+0.21 
+0.26808 
-0.37 
-0.04 
-0.70 
+0.5355 
-0.3382 
2931 
<2 5? 
3.04 
“2.28 
2.372 


—1.185 


Standard Electrode (Half-Cell) Potentials 


Half-Reaction 


MnO, +2H2O0+3e — MnO,.+ 40H 


MnO, + 4Ht + 2e° —> Mn?+ + 2H,O 


MnO, + 8H* + 5e~ —> Mn?+ + 4H,O 
Nat +e —> Na 


Nd?+ + 3e° —> Nd 


Ni?+ + 2e° —> Ni 

[Ni(NH3),]-' + 2e —> Ni+6NH3 

NiO, + 4H* + 2e— —> Ni?* + 2H,O 

NiO, + 2H,O + 2e° —>» Ni(OH), + 20H™ 
NiS + 2e —> Ni+S?- 

NO; + 4H* + 3e-° —> NO + 2H,O 

NO; + 3H~? + 2e° —> HNO», + H2O 


NOs; +H2O+2e —> NO»y + 20H 


Np*t + 3e° —> Np 


O,+2H20+4e — 40H 


MnO, + 2H2,0 + 2e ~—> Mn(OH), + 20H 


E° (V) 
-0.05 
+0.558 
+123 
+1.507 
—2.71 
=2923 
—0.257 
—0.49 
+1.593 
+0.49 
+0.76 
+0.957 
+0.92 
+0.10 
—1.856 


+0.401 


Standard Electrode (Half-Cell) Potentials 
Half-Reaction 

O2 + 2H* + 2e° —> H202 

O2 + 4H* + 4e— —> 2H,O 

Pb** + 2e —> Pb 

PbO, + SO4?- + 4H* + 2e— —> PbSO, + 2H2,O 
PbS + 2e —> Pb+S?- 

PbSO,+ 2e° —> Pb+SO,?- 

Pd?* + 2e —> Pd 

[PdCly]?” + 2e° —> Pd +4Cl- 

Pt?* 4 2e> = Pt 

[PtBra]” + 2e° —> Pt+4Br- 


[PtCl]? + 2e° —> Pt+4Cl 


[PtClg)? + 2e° —> [PtCl]* + 201 
Pu? + 3e —> Pu 

Ra*t + 2e° —> Ra 

Rb* +e  —> Rb 


[RhCls)* + 3e7 —> Rh+6Cl 


E° (V) 
+0.695 
+1229 
—0.1262 
+1.69 
-0.95 
-0.3505 
+0.987 
+0.591 
+1.20 
+0.58 
+0.755 
+0.68 
-2.03 
=292 
—2.98 


+0.44 


Standard Electrode (Half-Cell) Potentials 


Half-Reaction 

S+2e° —> S*- 

S + 2H' + 2e° —> H.S 
Sc?* + 3e° —> Sc 

Se + 2H™ + 2e- —> H.Se 


[SiF]? + 4e —> Si+6F~ 


SiO;?- + 3H,.O + 4e —> Si+60H- 


SiO, + 4H* + 4e— —> Si+ 2H,O 
Sm** + 3e° —> Sm 

Sn*t + 2e° —> Sn?* 

Sn?* + 2e° —> Sn 

[SnF,]?> + 4e —> Sn+6F~ 

SnS + 2e° —> Sn+S8* 

Sr es SE 

TeO, + 4Ht + 4e° —> Te + 2H.O 
Th** + 4e7 —> Th 


Ti2+ + 2e- —> Ti 


E° (V) 
—0.47627 
+0.142 
—2.09 
=0:5399 
= 1.2 
—1.697 
—0.86 
—2.304 
+0.151 
—0.1375 
—0.25 
—0.94 
—2.89 
+0.593 
—1.90 


—1.630 


Standard Electrode (Half-Cell) Potentials 
Half-Reaction 

US 3e7 —> U 

Ver 4+ 2e- > V 

Yor} 36° SY 

Zn7+ + 2e° —> Zn 

[Zn(CN),|° + 2e° —> Zn+4CN™ 
[Zn(NH3),|°* + 2e —> Zn+4NH3 
Zn(OH),+ 2e — Zn+ 20H 
[Zn(OH),]? + 2e —> Zn+ 40H 
ZnS +2e —> Zn+S7- 


Zr++4e —> Zr 


E* (V) 
=1,79 
1,19 
“2.37 
-0.7618 
=1,26 
1.04 
1.245 
1.199 
-1.40 


=1/539 


Half-Lives for Several Radioactive Isotopes 


Half-Lives for Several Radioactive Isotopes 


Isotope 


He 


Half- 
Life[footnote] 
y = years, d = 
days, h = 
hours, m = 
minutes, s = 
seconds 


5730 y 

9.97 m 
Ase Ny ?*'5 
15.00h 
14.29 d 

1.27 x 10°y 
0.08 s 

2.6 x 10° y 
5.27 y 

4,7 x 10 y 
29y 

51x 10" y 
8.040 d 

5x 10 y 
3.07 m 

22.3 y 
10.6h 


26.8 m 


Type of 
Emission[footnote] 
E.C. = electron 
capture, S.F, = 
Spontaneous 
fission 


Isotope 


210R; 
g3b1 


2127R; 
3B 


Half- 
Life[footnote] 
y = years, d= 
days, h = 
hours, m = 
minutes, s = 
seconds 
5.01 d 

60.55 m 
138.4 d 

3x 107s 
0.155 

3.05 m 
1.0% 10 *s 
1.65 

55.65 

3.82 d 

3.66 d 

1600 y 

5.75 y 

6.13 h 

1.913 y 

1A x 10" y 


22m 


24.10 d 


Type of 


Emission|footnote] 
E.C. = electron 
capture, S.F. = 
Spontaneous 
fission 


oa 
“gu 
“aU 
“BU 
“gu 


239TT 
92 U 


282Np 
Py 
Py 
21 


241 
954m 


6.243 d 

1.59 x 10° y 
2.45 x 10°y 
7.03 x 108 y 
4.47 x 10°y 
23.54 m 

2.3d 

2.407 x 104 y 
6.54 x 10° y 
14.4y 


432.2 y 


Pa 
22Cm 
*33Bk 
*BEs 

4Fm 
“Fm 
20M 
705No 
ie 


260 
pte 


Se 


27d 


162.8 d 


4.5h 


20.47 d 


3.24h 


20.1h 


76m 


55s 


0.65 s 


1.55 


0.8s 


